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ATOMIC WEIGHTS 


1953 


Name Symbol 

Actinium Ac 

Aluminum .... Al 
Americium.... Am 

Antimony Sb 

Argon A 

Arsenic As 

Astatine At 

Barium Ba 

Berkelium Bk 

Beryllium Be 

Bismuth Bi 

Boron B 

Bromine Br 

Cadmium Cd 

Californium... Cf 

Calcium Ca 

Carbon C 

Cerium Ce 

Cesium Cs 

Chlorine Cl 

Chromium .... Cr 

Cobalt Co 

Copper Cu 

Curium Cm 

Dysprosium... Dy 

Erbium Er 

Europium Eu 

Fluorine F 

Francium Fr 

Gadolinium. . . Gd 

Gallium Ga 

Germanium... Ge 

Gold Au 

Hafnium Hf 

Helium He 

Holmium Ho 

Hydrogen H 

Indium In 

Iodine 1 

Iridium Ir 

Iron Fe 

Krypton Kr 

Lanthanum. . . La 

'Lead Pb 

Lithium Li 

Lutetium Lu 

Magnesium.. . . Mg 
Manganese. . . . Mn 
Mercury Hg 


Atomic 

Number 

89 

13 

95 
51 
18 
33 
85 
56 

97 

4 
83 

5 
35 

48 

98 
20 

6 
58 
55 
17 

24 
27 
29 

96 
66 
68 

63 
9 

87 

64 

31 

32 

79 
72 

2 

67 

1 

49 
53 
77 
26 
36 
57 
82 

3 

71 

12 

25 

80 


Atomic 
IVeight * 

227.0 
26.97 

(241) 

121.76 
39.944 

74.91 
( 210 ) 

137.36 

(243) 
9.013 

209.00 
10.82 
79.916 

112.41 

(244) 
40.08 
12.010 

140.13 

132.91 
35.457 
52.01 

58.94 
63.54 

(242) 
162.46 

167.2 

152.0 
19.00 

(223) 

156.9 

69.72 

72.60 

197.2 
178.6 

4.003 

164.94 
1.0080 

114.76 

126.92 

193.1 
55.85 
83.7 

138.92 
207.21 

6.940 

174.99 

24.32 

54.93 

200.61 


Name Symbol 

Molybdenum.. Mo 
Neodymium... Nd 

Neon Ne 

Neptunium.... Np 

Nickel Ni 

Niobium Nb 

Nitrogen N 

Osmium Os 

Oxygen O 

Palladium Pd 

Phosphorus.... P 

Platinum Pt 

Plutonium.... Pu 

Polonium Po 

Potassium K 

Praseodynium . Pr 
Promethium... Pm 
Protactimium.. Pa 

Radium Ra 

Radon Rn 

Rhenium Re 

Rhodium Rh 

Rubidium Rb 

Ruthenium.... Ru 

Samarium Sm 

Scandium Sc 

Selenium Se 

Silicon Si 

Silver Ag 

Sodium Na 

Strontium Sr 

Sulfur S 

Tantalum Ta 

Technetium... Te 

Tellurium Tc 

Terbium Tb 

Thallium T1 

Thorium Th 

Thulium Tm 

Tin Sn 

Titanium Ti 

Tungsten W 

Uranium U 

Vanadium V 

Xenon Xe 

Ytterbium. . . . Yb 

Yttrium Y 

Zinc Zn 

Zirconium Zr 


Atomic 

Number 

42 
60 
10 
93 
28 
41 

7 
76 

8 

46 

15 
78 
93 
84 
19 
59 
61 

91 
88 
86 
75 

.45 

37 
44 
62 
21 
34 
14 

47 
11 

38 

16 

73 

43 
52 
65 
81 
90 

69 
50 
22 

74 

92 
23 
54 

70 

39 
30 

40 


• Values in parentheses arc mass numbers for the most stable isotope. 


Atomic 
Weight • 

95.95 
144.27 

20.183 

(237) 

58.69 

92.91 

14.008 

190.2 
16.0000 

106.7 
30.98 

195.23 

(239) 

210 

39.096 
140.92 

(147) 

231 

226.05 

222 

186.31 

102.91 
85.48 

101.7 
150.43 

45.10 

78.96 
28.06 

107.880 

22.997 

87.63 

32.066 

180.88 

(99) 

127.61 

159.2 
204.39 
232.12 
169.4 
118.70 

47.90 

183.92 

238.07 
50.95 

131.3 

173.04 
88.92 
65.38 
91.22 
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PREFACE 


Tilis text, Ionic Eqinlihrium as Applied to Qiajlilatire .4//^/- 
j/sis, consiv^ts of the theoretical portion (Part I) and the 
Appendix of the revised edition of the complete text, Qaali- 
taiivc Analjjsis atid Chemical Equilibriam. It is designed to 
meet the needs of teachers who either prefer to use their 
own particular scheme of analytical procedure or want to 
include in their courses supplementary material on chemical 
CHiuilihrium in the form of problems and exercises. 

In developing: a course in qualitative analysis we have had 
several major objectives in view, one of wliich is the early 
introduction into the chemical curriculum of a thorough stu<ly 
of the important principle of chemical equilibrium. This 
principle is met in the explanation and understanding of al- 
most every analytical separation and identification, and quali- 

tati\e analysis therefore serves as an excellent medium for the 
study of this principle, 

Ihe presentation of this subject is based upon the assump- 
tion that the student is familiar with the atomic theory, the 
kinetic molecular hypothesis and its application to the behavior 
of frases, the meaning of atomic and molecular weights, the 
balancing of simple chemical equations, the most general 

properties of solutions, and, in an elementary way, the periodic 
svstem. 

I he revised edition represents a considerable expansion. 
We have added a chapter on the states of matter, one on the 
(piantization of atoms and molecules, and a third on nuclear 
chemistry. It will he obvious to the instructor that some of 
this new material has little bearing on (lualitative analvsis 
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IIo\\e\er, much of this new material is penetrating 
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cliemical thinking so rapidly today that it cannot be neglected. 
Furthermore, we find that it is just this sort of material that 
the more ambitious students find fascinating. Should the 
instructor find that time is short, he can postpone Chapters 4 
and 14 and a part of Chapter 11 without impairing the con- 
tinuity^ of the subject matter. In these chapters an attempt 
is made to introduce the student to some of the newer concepts 
of the structure of molecules and to the principles governing 
the reactions of ions and molecules in the formation of com- 
plexes. It is felt that it is important at this point in the stu- 
dent’s training to familiarize him with the ideas he will have 
to apply later in the chemistry curriculum. 

The tables of equilibrium constants in the Appendix have 
been completely revivsed and greatly expanded to include more 
recent data. These tables of constants are now quite complete 
and include the latest information available in the literature. 
The most important change is in the ionization constants for 
hydrogen sulfide. Instead of using the old values which have 
been accepted for some fifty years we have adopted the re- 
cently published values of Latimer and colleagues (see Report 
UCRL-2108, University of California Radiation Laboratory, 
entitled ‘‘Heats of Formation and Entropies of HS“ and S . 
Potential of Sulfide-Sulfur Couple,” February 12, 1953). This 
has necessitated an examination of the older literature and a 
re-evaluation of the solubility-product constants for the sul- 
fides, since these values in almost all cases are calculated by 
making use of the hydrogen sulfide ionization constants. It 
was in this study that we became more appreciative of the 
unreliability of the solubility-product constants of the sulfides. 
In almost all cases it was found that the values of the constants 
vary greatly with time. Wherever possible, we use the best 
value obtainable for the freshly precipitated sulfide. Due to 
this variability with time we strongly recommend that pre- 
cipitated sulfides not be allowed to stand for any protracted 
period before being dissolved. Negligence at this point can 
upvset the analytical procedures. 

The number of figures in the text has been increased con- 
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piderahly, and so has the number of tables. Many sections of 
the text have been completely rewritten. The chapter on 
Complex Ions has been extensively revised with the view of 
providing the student witii some of the modern ideas of 
(luantized formation of molecular orbitals. 

No attempt has been made to introduce the concept of 
activity or activity coefficients. This subject is not essential 
to a fundamental understanding of chemical eciuilibrium, nor 
is the student prepared to interpret its significance. In 
numerical calculations in this course its cont ril)ut if)n is of no 
importance. We “violate” the Law of Mass Action in that 
we apply it to concentrations rather tlian to activities in 
the more concentrated solutions, and give answers to prob- 
lems in figui’cs which are often not significant. Wo justify 
this procedure on the grounds that such answers give the 

student a means of checking his thought processes involved 
in formulating the problems. 

I)escripti\e mal(*rial is interwoven with the presentation 
of the tlieoretical aspects of the subject, both of wliich are 
applied in numerous instances to (jualitative analysis and 
gtaunal problems of chemistry, l^ach chapter concludes with 
a set of (|uestions and pro})lems. 1 he cpiestions ser\’e as a 
guide for study and review of the subject matter. The several 
Imndred pro})Iems deal essentially with ecpiilibria of solutions. 
It i> oui convi(*tion that the student cannot accjuire an ade- 
quate understanding of chemical e(]uilil)rium and its application 
witlunit dealing with numerical calculations involving this 
piinciple. It is not necessary that these calculations be mathe- 
matically difficult. Accordingly, special effort has been made 
to s(‘lect I datively simple problems which are arranged in the 
order of increasing difficulty. INamples of all types of prol)- 
lenis and tlieir complete solutions are given at the end of each 
chapter. Answers to all problems and an ample section on 
mathematical operations are included in the Appendix as a 

guide for the student. New problems mav easilv be con- 
structed from those given in the text. 

legaid this piesentation of the subject of equilibrium 
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in solutions complete enough to relieve the teacher of a con- 
siderable amount of time in its presentation again in a later 
course in physical chemistry. 


March 15, 1954 


T. R. H. 
W. C. J. 
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CHAPTER 

1 


The Atomic and Molecular Concept of 

Matter 


Atoms^ Molecules^ find the States of Matter. Matter, 
which in its many forms makes up our universe, exists as a 
solid, a liquid, or a gas. But all matter consists of atoms and 
molecules. How then do the different states of matter — the 
solid state, the liquid state, and the gaseous state — differ 
from each other in terms of atoms and molecules? 

In the solid crystalline state the molecules, and the atoms 
which make up the molecules, occupy definite fixed positions. 
There is a high degree of order, just as there is order among 
troops on review or parade. Although the positions of the 
molecules are fixed, the molecules are in a state of vibration. 
The higher the temperature the greater the vibration. At a 
sufficiently high temperature the molecules vibrate hard enough 
to overcome the forces holding them together, causing the 
crystalline solid to melt. 

In the liquid state there is a great deal of randomness in the 
positions of the molecules but there is not complete confusion, 
for some of the molecules band themselves together in small 
but somewhat ordered groups. The higher the temperature of 
a liquid the greater the disorder, since, at higher temperatures, 
the molecules of a licpiid move about faster or vibrate harder 
and thus knock the more ordered small groups apart. 

Ihe gaseous state is characterized by complete randomness 
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THE ATOMIC AND MOLECULAR CONCEPT OF MATTER 


of molecular position — the molecules of a gas are constantly 
moving about and are not in any fixed or orderly position with 
respect to each other. The higher the temperature the greater 
is the velocity of these molecules. 

As the temperature of a gas is lowered, the average collision 
gets less and less violent until the attractive forces between 
the slowest of the molecules come into play and these molecules 
then ban together to form droplets which settle out as a liquid. 
As the liquid is further cooled, order begins to take place and 
finally the liquid solidifies, usuallj^ in the form of crystals but 
sometimes as a glass. When the solid is cooled the vibrations 
of the molecules in the solid get less and less violent until these 
vibrations no longer exist or are reduced to the lowest possible 
vibration state. At this point, the temperature has reached 
absolute zero, below which it cannot go — below which tem- 
perature has no meaning. 

The rsature of Crystalline Solids, If we examine grains 
of ordinarv table salt under a magnifying glass, we see that all 
of these grains appear to be cubes. Furthermore, if we should 
measure the angles between the faces of these cubes with a 
goniometer (a special microscope used by mineralogists to 
measure the angles between crystal faces), we would find these 
angles to be exactly 90° — not 89° 59' or 90° 1' but exactly 90°. 
Likewise, if we were to measure the angle between the pre- 
dominating faces of a quartz crystal, we would find it to be 
exactly 120°. All crystals have very definite and, in many 
cases, simple angles between the cr\'stal faces. 

The fact that crystals as-sume very definite shapes indicates 
strongly that the atoms and molecules of which they are com- 
posed are arranged in very definite and ordered positions. The 
order in which atoms are arranged and the distances between 
the various atoms have been determined by X-ray diffraction 
and, to a lesser extent, by electron diffraction measurements. 
We shall omit the details of these methods in this course and 
accept the results as conclusive. 

X-ray diffraction analysis shows that in sodium chloride 
each chlorine particle is surrounded by six sodium particles 
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and each sodium particle is surrounded by six chlorine par- 
ticles. Furthermore, such an analysis shows that tii(‘ axial 
distance between the centers of the sodium and chloiiiie parti- 

o o o 

cles is 2.81 A. (A is the abbreviation for Anj^strom unit which 
is equal to 1, 100,000,000 or 10“^ cm.) Actually the sodium 
and chlorine particles in this crystal are in the form of ions. 
The sodium ion is positively charged and the chlorine ion is 
negatively charged. This differentiation will be considered 



FIG. 1.1 The crystalline form of .sodium chloride. 


more fully in the following chapters. The arrangement of the 
sodium and chlorine particles with respect to each other in 
the sodium chloride (Tvstal is shown in Figure 1,1. 

Note that the chlorine particles have about twice tlie di- 
ameter of the sodium particles. From this figure it is easy 
to see that each particle is surrounded by six immediate 
neighbors of the otlier kind. Crvstallographers describe this 
situation by saying that the cri/s/al coordination numbei' of the 
sodium and of the chlorine is six in sodium chloride. 

It is apparent that with such an arrangement of Na and Cl 
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THE ATOMIC AND MOLECULAR CONCEPT OF MATTER 


particles the angles between the faces should be exactly 90°. 
NaCl crystals tend to grow in such a way as to produce cubes 
or rectangular hexahedra. But the cubic arrangement of the 
particles in NaCl does not mean that such an arrangement of 
particles will always yield crystals of this t\'pe. For example, 
the structure of a ciystal of KCl is exactly like that of NaCl 

yet KCl crystals are most often 
found in the form illustrated 
in Figure 1.2. 

In general, cr\^stals tend to 
grow in such a way as to pro- 
duce the maximum concentra- 
tion of atoms on the surface. 
While the arrangement of the 
particles in NaCl and KCl is 
the same, there is a difference 
in that the potassium particles 
(or ions) are considerably 
larger than the sodium ions. 
This difference in relative size changes the packing in the 
various planes and to some extent changes the macroscopic 
appearance of the crystal. A cubic arrangement of particles 
can therefore manifest itself in several crystalline forms. 

When all the atoms are alike, as in the case of metals, the 
atoms tend to pack together as closely as possible. The 
simplest close packing is hexagonal. In beryllium and mag- 
nesium, for example, the atoms are arranged in layers as illus- 
trated in Figure 1.3. 

The second la^'er of atoms does not fit directly over the 
first, but each atom in the second layer lies in the depression 
between three adjacent atoms of the lower la^'er — the points 
marked X in Figure 1.3. The third layer lies immediately over 
layer 1. The arrangement of la 3 'ers is therefore A-B-A-B-A- 
B, etc. Each atom has 12 equidistant neighbors. 

The structures of copper, silv^er, and gold are examples of 
cubic close packing. In these cases each la^'er of atoms is the 
same as that for the hexagonal close-packing structure. In cubic 



FIG. 1.2 The crystalline form of 
potassium chloride. 
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close packinij of atoms. 


(•lose packing the atoms of the second layer ("see Figure 1.3) 
fall into the positions marked X as in he.\agonal close {lacking, 
hut the atoms of the third layer, instt'ad of lying direct 1\' <)\('r 
those in the first layer, lie over the positions marked with a 
dot in the first layer. The atoms of the fourth layer then lie 
over those in the first. The arrangement of layers is A-B-C- 

etc. Along certain axes the atoms have a 
cubic arrangement. Each atom in this structure is also sur- 
rounded by 12 e(iiiidistant neighbors. The crystal coordina- 
lion nuinl)er 12. 

The other close-packing structure common to metals is 
body-centered close packing which is really not “close pack- 
ing. In this case the atoms of each layer are arrangtal in rows 
at right angles to each other. Each atom of the next layer lies 
m the depression between four atoms of layer 1. The atoms 
of the third layer lie above tho.se in the first. Examples of 

this structure are molybdenum, tungsten, and the alkali 
metals. 

Most metals have one of the above three structures- a verv 
few have combinations of two of these. 
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The Liquid State. We know much less about the condi- 
tion of molecules in the liquid state than we do for that in 
either the gaseous or solid states. The molecules of a liquid 
adhere to each other and the fluidity of liquids indicates that 
the molecules have the ability to move about or slip over each 
other. As we have previously indicated, X-ray evidence sup- 
ports the view that very probably the molecules in a liquid 
tend to line up with each other to some extent and that this 
aligning tendency is greater the lower the temperature. In 
most liquids, however, some of the molecules are probably 
already arranged in the form of the solid crystal. These nuclei 
act as the growth centers for crystal formation when the tem- 
perature is sufficiently low. 

When ordinary glycerine is cooled, it solidifies to form 
crystalline glycerine at 17° C. On the other hand, if it is kept 
at a temperature far above its melting point for a protracted 
time and then is cooled below the melting point, the glycerine 
gradually becomes more and more viscous until a glass is 
formed. If the glass is now melted and subsequently^ cooled, 
a glass is formed again, unless the liquid is seeded by the addi- 
tion of glycerine crystals or of glycerine which itself will 
crystallize on cooling. Evidently', ordinary' gly^cerine contains 
some nuclei or incipient crystals which act as the starting 
point for cry'stalhzation but which are destroyed at high tem- 
peratures. Liquids differ markedly in their ability' to form 
glasses or supercooled liquids (i.e., cooled below the freezing 
point). 

When quartz (silicon dioxide) cry'stals are melted (the melt- 
ing point of quartz is about 1400° C), the temperature is so 
high that there are practically' no cry'stal nuclei left in the 
melt. If the quartz is then cooled so rapidly’ that nuclei do 
not have much chance of forming, the liquid gets more and 
more viscous and finally' becomes a sohd glass. In this condi- 
tion the silicon dioxide molecules have attached themselves 
to each other to form an irregular pattern which contains some 
atomic-sized holes or voids. This condition is illustrated in 
Figure 1.4. 
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FIG. 1.4 Schomatic representation of cpiartz •rlass. The hlack sphere- 
represent silicon, and the lijihter spheres, oxyjren 

Zachariasen.) 


particles. (Aecorilinji to 


It is to 1)0 noted that Figure 1.4 is only a two-diinonsional 

representation. Kaeh silieon atom has four oxygen atoms sur- 

roundiiifr it. The silieon atom.s in Figure 1.4 therefore have 

oxygen atoms attached to them eitlier above or below the plane 
shown in the figure. 

When a licpud eontaining no nuclei is cooled it will not form 
crystals and will therefore become what is known as a siipo'- 
roolrd liquid. If a beaker of water is cooled to 0° (' it will 
form ice because either the water itself contains a few ice 
nuclei or, more likely, because the glass surface acts as nuclei 
to bring about the initial crystalline ice formation. 

When a very small droplet of water is suspended in air, as 
m a^cloud, it can often be cooled to as low a temperature as 
-40“ t; witli no formation of ice. Such small droplets of water 
contain no ice nuclei. The temperatures of the tops of many 
cumulus clouds (thunderhead.sj are well below the freezing 
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point of water. When the temperature gets very low (below 
—40°) the motion of the molecules becomes so sluggish that 
nuclei form and the particle turns to ice. These minute ice 
crystals then grow and as they fall through the warmer part of 
the cloud they melt and grow larger by accumulating other 
small droplets. When they strike each other they break up into 
smaller drops. These drops are lifted by the turbulent wind 
in the cloud and grow larger. This process repeats itself and 
rain falls out of the cloud. This is one of the mechanisms of 
rain formation. 

Rain can be produced artificially by seeding the upper part 
of a cloud with artificial nuclei. One of the best seeding agents 
is silver iodide. This substance has a crystal structure much 
like ice, and water molecules use these tiny crystals of silver 
iodide as nuclei on which to grow ice crystals. Solid carbon 
dioxide (dry ice) at -80° C is also used for seeding. In this 
case the low temperature allows a small fraction of the cloud 
droplets to nucleate themselves. 

This phenomenon of crystal nuclei in liquids is of great im- 
portance in the science of metallurgy. When many nuclei are 
present, a fine grain structure is formed on solidification. 
When few nuclei are present, the grain structure is coarse. In 
most cases large grain size in metals is undesirable. Molyb- 
denum often shows this phenomenon to a high degree. When a 
large melt of molj^bdenum is cooled it often solidifies in ex- 
tremely large grains, sometimes a foot in length. This phe- 
nomenon is not always easy to control. The study of crystal 
nuclei, particularly in metals, is still in its infancy. 

Polarity of Molecules. Suppose that two large sheets of 
metal are connected electrically with a battery B, a switch 
and a current-measuring instrument as shown in Figure 1.5. 
When the switch S is closed, the plate connected to the nega- 
tive pole of the battery becomes negatively charged and the 
plate connected to the positive pole of the battery positively 
charged. Just at the moment the switch is closed the small 
current charging the plates will flow through and be measured 
bv the current-measuring instrument. The positive charges 
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FIG. l.o Action of electric field on polar niole(*ule. 


on the one plate attract the negative charfres of the other and 
vice versa, and this attraction builds up the charfro-holdins 
ability or capacity of the two plates. If the size of the plates 
IS increased, it is obvious that the two plates will hold a 
greater electric charge, that is, the capacity will be increa.sed. 

1 he nearer two oppositely charged objects are to each other 
the greater is the attractive force between them. If the two 
plates are moved clo.ser together the attractive force which 
holds the charge on the surface of each plate becomes greater 
and the two plates therefore have a greater capacity. One 
might argue that as the charge increa.ses on each of the plates 
the attractive force will also increase, resulting in an accu- 
mulatively greater capacity. There is an opposing force, liow- 
ever, which stops this accumulative effect. Like charges on 
the same plate repel each other and this repulsive force, which 
is gi eater as the charge on each plate is increa.sed, prevents 
any indefinite accumulation of charge on any one plate. 8uch 
an arrangement of plates is known as a condenser. 

Suppose that a bar M which can pivot about its center and 
which has one end positively charged and one end negatively 
charged is placed between the two plates. When the plates 
are now charged the bar will be found to tilt in such a position 
hat the positive end will move toward the negative plate 
Mgure l.oB) Such a bar will increase the electrieal capacity 
the two plates, for this action of the bar will have the effect 
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of putting the two plates closer together. The positive end 
of the bar will produce an attractive effect on the negative 
plate ; and the negative end, an attractive effect on the positive 

plate. 

Many molecules are like the bar shown in Figure 1.5. They 
have positive and negative ends and when placed between two 
such charged plates tend to line up as does the bar. This 
alignment increases the electrical capacity of the plates as 
measured by the current-measuring instrument. 

The ratio of the electrical capacity of the condenser when 
some substance is placed between its plates to the electrical 
capacity when there is a vacuum between these same plates is 
known as the dielectric cortstuiit of the substance. 


c apacity with substai ^ ^ dielectric constant 
capacity in vacuum 


The greater the separation of the positive and negative 
charges in a molecule, the greater will be the turning effect 

on the molecule in the con- 



A B 

FIG. 1.6 Schematic representation 
of two polar molecules. B more 

polar than A. 


denser, and therefore the greater 
will be the capacity of the con- 
denser and the greater the 
dielectric constant of the sub- 
stance. In Figure 1.6, the mole- 
cule B has a greater turning 
effect than molecule A. Since 
a greater separation of charge 
produces a greater torque or 
electrical leverage, molecule B 
can be more easily turned than 
molecule A. Therefore B has 
a greater dielectric constant 


than A. The dielectric constant is then a measure of the sepa- 


ration of the charges in a molecule. 

Not all the molecules placed between the plates of a 
condenser are turned at right angles to the plates as sho\\n in 
the case of the charged bar (Figure 1.5). The thermal agitation 
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of the molecules prevents perfect alignment. We can deduce 

that the lower the temperature the less will he the thermal 

agitation and the greater will he the alignment. The diek-ctric 

constant of a polar molecule should therefore decrease witli 

increasing temperature. Ihis conclusion i.s comj^leti^h’ xa^rifiial 
by experiment. 

Polar and \on-Polar Substances. Those suhstances 
which have a large dielectric constant, that is, a large .separa- 
tion in tlie charges, are known as j^olar suhstances and tliose 
which have little or no .separation in charges as non-iiolar suh- 
stance.s. Water is a polar suhstance and 
methane, CH.,, and hexane, a con- 

stituent of gasoline, are non-polar suh- 
stances. We shall ha\e more to sax- re- 
garding such suhstances at a later time. 

lapor Pressure and the lioiling 
Point. Suppose that a pure litiuid is 
( onhned in a closed \'(‘.ss(*l and all e.x- 
traneous gases such as air are removc'd 
from the space ahove the liiniid. (.See 
Figure 1.7). Then it is found that at a 
given, definite temperature there will he a 
definite gas pressure due to the evapo- 
rated molecules of the liiniid. An eiiui- 
lihrium i.s established hetween the liciuid 
and the gas, such that the rate of gas 
molecules entering the liquid is the same 
as that of molecules of liiiuid leaving it to 
enter the gas phase. This pressure can he 
measured hy some suitahle device such 
as a manometer shown in Figure 1.7, and 
It is known as the vapor pressure of the 
liquid for that temperature. Thus, the 
vapor pressure of water at 2.5° C is 

inm. of nuM’curv. 

% 

When a licpiid i.s heated in an open ves.sel such as a heaker 
Napor IS constantly passing off into the air above it. However’ 


M(i. 1.7. St'lieinatic 
(liajrrain of apparatus 
for (letenniniiitr vapor 
pressure. 
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when the temperature of the liquid gets sufficiently high so 
that its vapor pressure equals the pressure of the air above it, 
the liquid boils. This boiling temperature evidently will de- 
pend upon the barometric pressure. The normal boiling point 
of the liquid is defined as the temperature at which the liquid 
boils when the barometric pressure is 760 mm. of mercury. In 
other words, the normal boiling point is the temperature at 
which the vapor pressure of the liquid is 760 mm. of mercury. 



FIG. 1.8 The vapor pressure of water as a function of the temperature. 


By plotting the vapor pressure of a liquid against the tempera- 
ture one obtains a curve such as is illustrated in Figure 1.8. 

We might expect that the boiling points of non-polar liquids, 
for which the attractive forces between the molecules are very 
similar, would depend upon the molecular weight of the com- 
pound in such a way that the greater the molecular weight, the 
higher the boiling point. The heavier molecules move more 
slowly at any given temperature; therefore, a higher tempera- 
ture is required for them to escape from the liquid. If we 
compare the non-polar hydrocarbons as shown in Table 1, we 
6nd this to be the case. 

If the forces holding water molecules together were the 
same as tho.se for the hydrocarbons shown in Table 1, then. 


The Problem of Solubility 
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Table 1 


Relationship between Mcjleculau 

AND Boiling Point 


Compound Molecular Weight 

Boiling Point, C 

Methane, CH 4 

U) 


Ethane, CsHg 

30 

- 8 S .0 

Propane, CzUg 

44 

-42.1 

Butane, C 4 Hio 

08 

-O.d 

Pentane, C 6 H 12 

72 

30.1 

Hexane. CJIh 

80 

(;8.7 


since its molecular weight approximates that of methane, we 

might expect its boiling point to he essentially the same. 

However, the boiling point of water is 100° C; 261.5° higher 

than that of methane. Ammonia (NH3) has a molecular 

weight of 17. It is also a polar liquid but not as polar as water. 

Its boiling point is -33.4° C. The.se facts show the great 

effects which can be produced by unequal distribution of 

electric charges within the molecule. Similar effects due to 

polarity will be encountered when we study the problem of 
solubility. 

The Problem of Sohibility. Some .substances are .soluble 
in each other in all proportions, while .some are onh- so slightly 
soluble that we say they are in.soluble. This (lifference in 
solubility of various substances in the same or different .solvents 
has been a subject of the grcate.st concern for the chemist. It 
IS a problem which is so complex that its quantitative .solution 
otters great difficulties, yet the fundamental principles involved 
are not at all out of our reach. 

Let us consider two liquids which are practically insoluble 
m each other. There are a great many systems of pairs of 
iquids which conform to this condition of low mutual solu- 
bility, but as a specific example we shall choose water and 
eai )on tetrachloride. The water molecules are polar and those 
carbon tetrachloride are non-polar. By virtue of their 
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polarity, the water molecules have a greater tendency to ad- 
here to each other (the positive end of one adhering to the 
negative end of another) than to molecules of carbon tetra- 
chloride. As a result of the attractive forces of the water 
molecules for each other, any molecules of carbon tetrachloride 
which happen to be mixed with the water molecules are 
squeezed out. Due to thermal agitation, a few water mole- 
cules will probably break through the water surface in contact 
with carbon tetrachloride and wander off into this medium. 
For this reason, we cannot say that water and carbon tetra- 
chloride are absolutely immiscible (absolutely insoluble in 
each other). The water molecules prefer each other to the 
molecules of carbon tetrachloride as neighbors. Likewise the 
molecules of carbon tetrachloride prefer each other. The polar 
dissimilarity of these two types of molecules, in a general way, 
accounts for the insolubility of water and carbon tetrachloride 
in each other. 

Let us next consider a solution of two substances the mole- 
cules of both of which are polar. Water and ordinary alcohol 
are two such substances. The water molecules are somewhat 
more polar than the alcohol molecules. In this case the water 
molecules do not have any very great tendency to prefer each 
other as neighbors and the same is true of the alcohol molecules. 
The water molecules adhere to the alcohol molecules almost as 
strongly as they do to each other. Now there is no tendency 
for the water molecules to squeeze the alcohol molecules out 
of solution, nor do the alcohol molecules have this tendency 
toward water molecules. The result is that water and alcohol 
are soluble in each other in all proportions. 

Non-polar substances are also soluble in each other, for 
there is no great tendency for the like molecules to prefer each 
other as neighbors; hence no “squeezing-out” effect. 

No new considerations need be introduced in the problem of 
the solubility of solids in liquids. The attractive forces of the 
particles for each other in the crystal, in general, are very great; 
nevertheless there will be competition between the crystal and 
the solvent for the particles of the solid. The stronger the 
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crystal forces operating i)et\veen tlie atoms or particles of the 
solid and tlie greater the ‘‘ s<iueezing-oiit ” tend('ncv of the 
solvent, the less soluble will be the solid in (piestion. 


It is possible to arrange substances in a series or tal)le in 
order of the attractive forces operating between the mole- 
cades. An example of such a series is gi\'en in tlu* following 
table. The non-polar sul)stances appear at the top of the 
table and the polar su])stances at the bottom. Two substanct‘s 
lying close together in the series are very soluble in each other; 
those far apart are relatively insoluble in eacli other. 


'['.MihK 



Relative Attractive 


Forces retw ee.v 


Molectles 



Hexane 

Carbon tetrachloride 

Benzene 

Toluene 

C'hloroforin 

Xaphtlialene < 

Anthracene £ 

Xitrohenzenc i 

Pxridine ^ 

Carbon bisulfide 

Acetone 

Acetic acid 

FtlivI alcohol 
% 

Methyl alcohol 
\\ ater 


Some organic molecules are so complicated in structure that 

parts of the molecule may he regarded as polar and other parts 

as non-polar. With such substances the problem of solubility 
Is necessarily a much more complex one. 

The compound, CH3CH,C:H,C'H,CH,CH.,CH,CH,0H octyl 

rdcohol, for example, consists of a long chain of carbon Itoms 
to one end of ^yhlch is attached an OH radical. This OH end 
of the molecule is polar and the other end i.s non-polar. When 
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placed in contact with water, only one end of the molecule 
is squeezed out of solution and the other end remains in con- 
tact with the water. The result is that the octyl alcohol mole- 
cule is squeezed to the surface of the water, with one end out 
of solution. Such phenomena are common and are of great 

interest in the study of surface chemistry. 

There is one type of solution, electrolj^tic solution, which A\e 
have not yet considered and to which we shall later largely 
confine our attention. Before going on with the problems of 
solubility pertaining to such solutions, we must first deal with 

some of their properties. 

Molecular Weights and Formula Weights. From a 
knowledge of the composition of a pure compound and from 
the atomic weights of its constituent elements it is possible to 
determine the simplest formula, but only the simplest formula, 
of the substance. For example, sodium chloride is found by 
analysis to contain 39.34 percent sodium. From this informa- 
tion and from the atomic weights of sodium and chlorine it can 
be determined that in sodium chloride there is one atom of 
chlorine for every atom of sodium.* The simplest formula for 
sodium chloride is therefore NaCl. This does not tell us that 
the molecule of sodium chloride consists of onlj" one atom of 
chlorine and one of sodium; e.g., it might contain two or more 
atoms of each. In fact, there is no simple molecule of sodium 
chloride in the solid state for, as we have previously shown, 
each atom of sodium is surrounded by six chlorine and each 
chlorine by six sodium atoms. No chlorine atom is associated 
with any particular sodium atom. For solid sodium chloride 
then, the term molecular weight has no definite ineaning, i 
we wish to be very exact in our concepts and definitions, since 
the molecular weight is the relative weight of the molecule as 
compared with the weight of a molecule of oxygen gas. For 
such a case we may use the term formula iceight instead 

of molecular \veight. 

The terms molecular ^veight and formula weight are often 
used interchangeably, but we must guard against loose think- 

* For this calculation see some text in general chemistry. 
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ing in doing so, since it might easily he implied that the mole- 
cule of solid sodium chloride consists of one atom of sodium 
and one atom of chlorine, which is not the case. 

Iodine in the gaseous state is diatomic* and its formula is I .. 
It has been shown that in the solid state its formula is also 1,. 
for in solid iodine two iodine atoms remain attached as a moh*- 
cule, that is, each iodine atom has associated with it one otlu'r 

atom more tightly hound than the rest. Main- suhstaiu'C's 

% 

including all organic compounds helun'C like iodine, hut most 
inorganic substances are like sodium chloride in that the mole- 
cule of the solid is not a definite entitv. 

The Concentration of a Solution. Tlie siin])l('st kind of 

a solution is made up of two components, tlie solient and 

tlie solute. In fjjenoral, the component picscnt in the lar<>:<'r 

amount is known as the sol\'cnt, the other component, tlie 

solute. Tluis, for a solution eonsistinfz; of a larj^e amount of 

water and a small amount of alcohol, water is the solvent and 

alcohol, the solute. If the alcohol were jirescmt in the laij^'ci' 

amount, it would he the .solvent and the water would he desi<r- 

nated as the .solute. However, for solutions consisting of 

water and an inorganic suhstance we shall arbitrarily refer to 

water as the .solvent in all cases. A .solution of sulfuric acid may 

he so concentrated that water is present in the smaller amount : 

nevertheless, we shall still regard the water as the .solvent. In 

this course we shall he concerned chiefly with only three types 

of .solutions, namely, gases, liquids and .solids "dis.solved in 
water. 

llie amount of the solute dissolved in a given quantity of 

water determines the concentration of the solution. Tlie 

quantitative expression for the concentration may he defined 
in a number of wavs. 

11 cight-pcrrcnl Solnlions. The concentration of a weight- 
percent solution IS expressed in terms of the numher of parts 

Ti *^00 contained in 100 parts of the .solution. 

Ihus 100 grams of a 3()-percent .solution of hvdrocliloric acid 
hy weight contains 3(5 grams of HCl and (54 grams of water. 
Molal Solutions. The tnolal concentration of a solution is 
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defined as the number of gram-molecular-weights or gram- 
formula-weights of solute dissolved in 1000 grams of water. 
In qualitative analysis we shall have no need to use solutions 
the concentrations of which are defined in this way. 

Molar Solutions. The molar concentration of a solution is 
defined as the number of gram-molecular- weights (moles) 
or gram-formula- weights dissolved in 1 hter of solution, i.e., 
in enough water to produce 1 liter of solution. Thus, a 2 
molar solution of NaCl may be prepared by adding enough 
water to 116.92 (2 X 58.46) grams of NaCl so that the final 
volume is exactly 1 liter. The molarity (moles per liter) of 
this solution is 2 moles NaCl per liter or 2 M NaCl. A 2 M 
NaCl solution could also be prepared by adding enough water 
to 11.692 grams of NaCl to make 100 ml. (0.1 hter) of solution. 

The concentration of a solution bears no relation to the 
anxount of solution. If the concentration of a solution is 
designated as 2 M then every drop, every milliliter, every liter 
or even everj- barrel of that solution has the same concentra- 


tion, 2 M. 

The number of moles of a solute contained in a given amount 
of solution is never equal to the molarity of that solution unless 
the volume should happen to be exactlj" 1 liter. The number 
of moles of a solute contained in any solution is equal to the 
molarity multiplied by the volume of the solution expressed in 
liters. In 1 ml. of a 2 M NaCl solution there is present .001 X 2 
moles or .002 moles of NaCl. It is to be observed that a 2 M 


solution may also be defined as one which contains 2 millimoles 
per milliliter (a millimole is .001 mole and a milliliter is .001 


liter). 


.002 mole 
.001 liter 


2 moles 
1 liter 


2 M 


In this text the conccniralio7is of solutions will always be expressed 


in terms of molarity. 

Normal Solutions: The concentration of a solution is said 
to be 1 normal (1 N) when enough water is added to 1 grani- 
equivalent-weight of the solute to make 1 liter of the solution. 
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Concentrations expresse{i in terms of normalilv are verv con- 

• « 

v(Miient in (luantitative volumetric analysis, hut us(' of normal 
rather than molar solutions offers no deciikal aih-anta^'c in this 
{■ourse. We sliall tlierefore not he concerned with thi> method 
for expressing concentration. 


Examples of Problems 

Example 1. 

How many grams of KP>r will he nefahal to make loO ml. of 
a 2 M solution? 

1 mole (formula weight) KBr = .30.1 + 70.0 = 1 10. 0 g. 

2 moles KRr = 2 X i 10. 0 = 23S.0 g. 

1 lit(M- of a 2 M K]U' solution contains 23<S 0 ir 

^ * 

1 ml. of a 2 M KHi’ solution contains ().23K g. 

150 ml. contains 150 x 0.238 = 35.7 g, 

^O'herefore. if enough wal<‘r is added to 35.7 g. KBr to make 
150 ml. a 2 M solution will he obtained. 


E XU tuple 2. 

It is (losirod to make a 0.1 .1/ .solution by addins water to 5 <r. 

of .Vj-XO.,. What must he the final volume of the solution after 
all the water is addcal? 

1 mole AgXO, = 107.9 + 1 hO + 3 X 10 = 109.9 g. 

A 0.1 M AgXOs solution contains 10.99 g. per liter or .01099 <>■ 
per ml. ' ' ' »■ 

5 g. AgXOg furnishes enough for — - — or *>94 ml 

.01099 “ 

Example 2. 

How many ml. of water must he added to 5 ml. of 12 M IICI 
solution to make a 3 M IIC’l solution? 

Xotk: In all (hUdion problems we shall asstane that the final volame 

equal to the rolurne of the initial solution plus the volume of th< water 

added; i.e., that the volume oceupied bp all molecules or ions h the 
sanie in solutions of all eonr.entrations. 

In 1 ml. of a 3 .1/ .solution there are j% or .'j a.s manv molecule- as 

1 ml. ot a 12 M .solution. Therefore, enough water must 
.e ad.hal to the 12 M .solution to make it.s final volume A tinu-s as 
bloat as It wa.s originally. In thi.s problem the linal volume mu.-t be 
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4X5 ml. or 20 ml. Therefore 15 ml. of water must be added. In 

brief, the final volume must be 5 X 12 ml. 

12 — 3 

The amount of water added is 5 X — ^ — = 15 ml. In general, 

the volume of water added equals the initial volume of solution mul- 

tiplied by — - where C2 is the larger concentration and Ci the 

Cl 

smaller. 

Example 4- 

How many ml. of a 2 M HCl solution is necessary to neutralize 
3 ml. of a 0.5 M NaOH solution? 

1 mole HCl neutralizes 1 mole NaOH. 

The same number of moles of HCl are required as there are moles 
of NaOH in 3 ml. of a 0.5 M NaOH solution. 

If the HCl solution were 0.5 M, instead of 2 M, equal volumes of 
each would be required. But the HCl is 2 M or 4 times as concen- 
trated as the NaOH therefore less is required. Specifically, i as 
much would be required as would be the case if the HCl were 0.5 il/. 

0 5 

Number of ml. of HCl required = 3 X = 0.75 ml. 

Example 5. 

How many ml. of 6 M H2SO4 would be required to neutralize 
100 ml. oi 3 M NaOH*^ 

Since the H2SO4 contains 2 replaceable H atoms (H+ ions) and 
NaOH contains only 1 replaceable OH radical (OH“ Ion), one-half 
as many moles H2SO4 are required as the number of moles of NaOH 

contained in 100 ml. of 3 M NaOH. 

If the H2SO4 were 1.5 A/, instead of G M, 100 ml. would be required, 

1 5 

but with 6 M H2SO4 the amount required would be 100 X ~ = 25 ml. 
Example 6. 

What is the molarity of a H2SO4 solution which contains 33.33 per- 
cent H2SO4 by weight and which has a density of 1 . 25 .^ 

One liter of the solution weighs 1000 X 1.25 or 1250 g. 

The number of grams of H2SO4 in one liter is 0.3333 X 1250 

or 417 g. 

One mole of H2SO4 is 98.1 g. The number of moles in one liter is 

^ ^ 4.25 moles per liter. The solution is therefore 4.25 M. 

1 

1^0 
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Questions and Problems 

1. \\ iiat is the distinction between a glass and a crystalline solid? 

2. Account for the fact that glycerine, when cooled to a sufhcientlv 

% 

low temperature, in some cases solidities to form a glass, and in 
otiier cases, to form a crystalline solid. 

3. hat is the dielectric constant ot any given substance? 

4. How do(‘s a polar molecule differ from a non-i)olar one? 

5. Taking into account the thermal agitation of moka-ules, explain 
why the dielectric (-(jnstant lor a given substance is lower the 
higher the temperature of the substance. 

6. Does a molecule of solid sodium chloride consist of one ion of 
sodium and oiu' of chlorine? Ivxplain. 

i* I'.xplain why two li(iuids, one ol which consists of ])olar molecules 
and one ol non-pohu- molecules, are immiscible in eacli otiuM*. 

8. What is the molarity of a solution which contains 5 g. HC'l in 
100 ml. of solution? 

9. I low many moles of XaOII are contained in 200 ml. of a O.d M 
solution? 

10. How many grams of H,.S()., are there in 40 ml. of a 0.1 M H-.Stb 
solutiorr.' (H=l. S=32. 0=10) 

11. If 27 ml. of uutor i.s addcl to 3.7 ml. of a ().| .1/ .solution of any 
substance, what is the molarity of the linal solution? 

12. (a) IIow many moles are -,.8.7 g. of XaCl? (I'.se 23 0 a.s the 

atomic weight of .sodium and 37.7 as the atomic weight of 
clilorine.) 

(I» If thi.s amount of XaCl is ili.ssolved to make one liter of 
.solution, what is the molarity of the solution? 

(c) II tins amount of XaC'l is dissolv(*d to make 500 ml. of solu- 
tion, what is its molarity? 

13. How many grams of solute are contained in each of the following 

.solutions? ^ 

(a) 250 ml. of O.I ^f MnClo solution 

(b) .)00 ml. of .) 4/ HjSOj solution 

(c) 25 ml. of 2 .1/ X'a-iC’Oij solution 

(d) 12 ml. of 0.1 M AgX’Oa solution 

(e) 125 ml. of 0.5 M HaCl, solution 

formula indicated in each 
. mi, i.e., unhydrated. See inside front cover for atomic 
wo.ght.s - u.se only first figure beyond decimal point.) 
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14 . If, in each of the following cases, it is desired to make a 0.1 M 
solution, what must be the final volume of the solution after 
the addition of water? 

(a) 10 g. NaCl, (b) 20 g. AgNOs, (c) 10 g. HgCh, (d) 10 g. 
Na 2 SO 4 - 10 H 2 O, (e) 1 g. CuS 04 - 5 H 20 

15 . How many ml. of water must be added to each of the following 
solutions to give the desired concentration? 

(a) 10 ml. 6 M HCl to give a 2 M solution 

(b) 25 ml. 2 M H 2 SO 4 to give a 0.1 M solution 

(c) 6 ml. 0.1 M AgNOa to give a .01 M solution 

(d) 35 ml. 1.5 M H 2 SO 4 to give a 0.3 M solution 

(e) 2 ml. 0.3 M NaCl to give a 0.25 M solution 

16 . How many ml, of 0,1 M AgNOa solution and how many ml. of 
water must be mixed to give 250 ml. of .03 M AgNOs solution? 

17. How many ml. of 0.1 M HCI solution is required to neutralize 
25 ml. of 0.3 M NaOH solution? 

18. How many ml. of 0.1 M HoSOi solution is required to neutralize 
25 ml. of a 0.3 M KOH solution? 

19. How many ml. of a 1.5 M HCl solution is required to neutralize 
75 ml. of a 0.2 M NaOH solution? 

20. How many ml. of a 0.1 M HNO3 solution is necessary to neu- 
tralize 15 drops of a 1 M NaOH solution? (Assume that 20 drops 
equals 1 ml.) 

21. What is the molarity of each of the following solutions? 

(a) 93.1 percent H2SO4 by weight (Density is 1.835) 

(b) 32.3 percent HNO 3 by weight (Density is 1 . 200 ) 

(c) 40.0 percent HCl by weight (Density is 1.200) 

(d) 16.0 percent NaOH by weight (Density is 1.180) 

The following review problems cover material not treated in this text. 
If 7 iecessarij the student should refer to a7iy general chemistry text for 
help. 

22 . A flask is filled with NH 3 gas at 76 cm. pressure and at 25° C. 
After a catalyst has been placed in the flask it is sealed. The 
flask is then heated and the NH 3 is completely converted into 
H 2 and N 2 in accordance with the equation 

2NH3 = 3H2 + N2 


What is the total pressure of the mixed gases after the flask has 
again been cooled to 25° C? 
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23. What percent of lead is there in each of the following oxides: 
(a) PbO, (b) PbO:. (c) Pb20a, and (d) Pb^O^? 

24. Ten grains of CuS()4-5ir*() is heated to drive off the water of 
crystallization. After dehydration what is the weight of the 
anhydrous CuSO^? 

25. One hundred grams of iron combine with 30.1 liters of oxygen, 
measured at standard conditions, to form a solid oxide. What 
is the formula of the oxide? 

26. Lead oxide decomposes to form oxygen in accordance with the 
following eciuation 


2Pb02 - 2PbO + O 2 


How many grams of PbO^ are necessary to give 22.4 liters of 0:, 
measured at standard conditions? 

27. Mow many grams of oxygen will combine with 10 g. of magnesium 
to form MgO? 

28. Assuming that a certain iron ore were pure Fe 203 calculate the 
maximum number of pounds of iron that could be obtained from 
one ton of this ore. 

1.000 g. of C()pi)er is placed in a crucible covered with sulfur and 
heated out of contact with air. A reaction takes place between 
the copper and the sulfur. After the reaction is complete the 
excess sulfur is burned off as SO.. The residue in the crucible 
now weighs 1.253 g. How many atoms of copper combine with 
one atom ot sulfur? What is the formula for the sulfide of 


29. 


30. 


copjjer? 


32. 


An oxide of chromium contains 68.4 percent chromium and 
31.6 ijercent oxygen. Wliat Ls its formula? 

31. The cliloride of a certain metal contains 64.1 percent of chlorine. 
What is the eciuivalent weight of the metal? 

A (>8.0 weight percent solution of sulfuric acid has a specific 
gravity of l..j87. What is the molarity of this solution? 

33. \Miat volume of the solution in (luestion 32 would be necessary 
to make 1 liter of a 0.1 .1/ solution? 

34. What volume of 0.1 .1/ IICl would be necessary to precipitate aU 
tflo Sliver from a solution containing 1.00 g. of AgXOa? (Assume 
that all the silver in solution will be precipitated as AgCl.) 

35. with 0.1 M solutions of AgXO^, Pb(X 03)2 and 
HgAAO:,)-., how many ml. of each must be added to enough 
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water to make 1 liter of a solution which is .02 M with respect 
to each of the ions, Ag"^, Pb"^, and 

36. (Optional) The lift of any given airplane is proportional to 

where p is the density of the air, V is the velocity of the airplane, 
and M is the total weight of the plane. Suppose that a given 
airplane must go 200 miles per hour to lift 100,000 pounds when 
the temperature of the air is 0° C and the barometric pressure is 
760 mm. Suppose now that this same plane takes off when the 
barometric pressure is 750 mm. and the temperature is 38° C 
(100° F). 

(a) Assume the load M to the same, using Boyle's and Gay- 
Lussac's laws, calculate what the take-off speed will have to be. 

(b) Assume the take-off speed to be the same, i.e., 200 miles per 
hour (the maximum the airfield will permit), with what load 
can the airplane now take off? 

37. (Optional) Can an airplane take off with a greater or smaller 
maximum load on a humid day as compared with a dry day, 
the temperature and barometric pressure being the same on the 
two days? 



CHAPTER 
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Electrolytes and Non-Electrolytes 


In this cliaptcr \vc shall deal ])riinarily with the propca’ties 
of solutions of sui)stanees in water. From these ])r()perties we 
shall arrive at a distinetion between eleelrolvtes and non- 
electrolytes, thus the basi> for our using ioni(* etpiations 

tFiroughout the course. 

('.oriductanre of Klectririlv hy Solutions. We shall 

compare the conductance of electricity by solutions of dilYer- 
ent substances. Sucli a comparison will allow us to divide prac- 
tically all substances into two general classes, electrolytes 
and non-electrolytes. The conductance of any substance 
is the inverse of the resistance ofTered by the substance to the 
passage of the electric current, that is, C = 1/7?, where C and 
R represent the conductance and resistance, respectively. 
Condu(*tance, like resistance, is determined by measuring the 
electric current passing through the substance when a definite 
voltage is applied between the two terminals of the containing 
cell. For a given voltage the amount of current is proportional 
to the conductance, that is, a solution having twice the con- 
ductance of another will allow twice as much current to pass 
through it for the same applied voltage. 

In order to compare the conductances of solutions it is neces- 
sary that we consider the same number of equivalents of solute 

in eacli case. What we really wish to know is the conductance 
per equivalent weight of solute. 

Consider a conductance cell of the type illustrated in Fig- 

25 
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ure 2.1. The cell itself is constructed of some non-conductor 
such as glass. The two electrodes A and B consist of metal 
strips which fit closely between the sides of the cell. The top 
is open. G is a current-measuring instrument such as an 
ammeter or a galvanometer and should be very sensitive if we 
wish to measure very small currents. For very rough measure- 
ments a light bulb may be used 
instead of the ammeter. If a 
conducting solution is placed 
in this box and a voltage ap- 
plied to the electrodes, any 
current which passes from A to 
B must pass through the solu- 
tion. If a sugar solution is 
placed in this cell together 
with any additional amount of 
water, the mixture shows no 
appreciable conductance. The 
same is true of solutions of 
alcohol, ether, glycerine and 
manv similar substances. On 

the other hand, if sodium chlo- 

FIG. 2.1 Conductance ceil and Y\de in water is placed in this 
measuring instrument. ,, , ... 

cell, the solution is a very 
good conductor of electricity. Solutions of many solutes such 
as HCl, H 2 SO 4 , NaOH, and K2SO4 show a high conductance, 
while only a relatively small number of compounds give solu- 
tions which are slightly conducting. 

The great majority of solutions fall into one of two distinct 
classes, very good conductors and non-conductors. Sub- 
stances the solutions of which are good conductors of elec- 
tricity are called electralytes^ and substances that are non- 
conductors in solution, nan-electrolytes. The difference in 
conductance shown by electrolytes and non-electrolytes is not 
merely a difference of degree. It is a difference of kind. If we 
were to classify all substances according to ability' to conduct 
an electric current, we should find a great number which show 
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practically no conductance: almost all the rest show high con- 
ductance, with only a relatively few substances falling between 
these two classes. Were the difference between non-elec- 
trolytes and electrolytes one of degree rather than one of kind, 
we should expect most substances to show ai)out the same 
conductance, with only a relatively few displaying very high 
conductance, and a very few, almost no conductance. Such 
would l)e the case if we were to consider the (Uaisitv rather 
than conductance of these same substances. The densit\’ of 
most substances lies between 2 and 5 grams per milliliter (or 
cubic centimeter). Very few substances have densities less 
than 0.6 gram per milliliter, and very few, greater than 18 grams 
per milliliter. 

Tlie difference of kind between strong and weak electrolytes 
suggests that there is a fundamental difference between the 
molecular striuaures of these two classes of substances. At 
a later time we shall show that our concept of mole(*ular struc- 
ture adecpiately explains tliis difference. 

I ariation of (k}nductance with Concentration, If 1 
mole (gram formula weight) of an electrolyte such as sodium 
chloride is placed in the cell (Figure 2.1) together with 1 liter 
of water (the cell is not filled), a definite conductance will be 
observed. Lpon the addition of more water, the solution will 
be diluted but the same amount of sodium chloride will remain 
between the plates. However, it is observed that the conduct- 
ance is inerreased. Ihe fact that the conductance increases 
with dilution may at first sight seem to be an anomaly, since 
l)y dilution tiie concentration decrea.ses, but it must be borne 
in mind that we are not considering the conductance of a solu- 
tion with a fixed cross section. As water is added to the cell 
the surface of the electrode exposed to the solution increases, 
a> does the cross section of the conducting solution. 

Ihe ('onductance of an electrolyte increases with increasing 
dilution as shown in Figure 2.2. As the solution is diluted the 
concentration decreases (from riglit to left along the horizon- 
tal axis). After considering the next section on “The Lower- 
ing of the hreezmg Point” we shall give an explanation of this 
phenomenon. 
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The Latvering of the Freezing Paint, The freezing point 
of water is lowered by the addition of a solute. The difference 
between electrolytes and non-electrolytes in this respect is well 
demonstrated in Table 3. The second column of the table 
gives the concentration of the solute in question in terms of 
moles or gram formula weights per liter of water, while the 
third column lists the freezing point lowering, i.e., freezing 
point of solution in degrees below 0^ C. 

We see that for non-electrol^Tes 0.1 mole of any substance 
dissolved in 1 liter of water lowers the freezing point about 
0.186° C, and 0.2 mole per liter has twice this effect. It is 
to be observed that there is some variation in the effects of 
different solutes, but this variation is a relatively small one 
(methyl alcohol 0.181° C). The conclusion we can immediately 
draw is that the total number of moles per liter or the total 
number of molecules per liter of non-electrolytes is the principal 
determining factor in the lowering of the freezing point. The 
kind of molecule has little or no effect. If electrolytes behaved 
like non-electrolytes in solution, we should expect that their 
freezing point lowerings would be the same. More specifically, 
if sodium chloride in solution consisted of molecules, each of 
which contained one atom of sodium and one atom of chlorine, 
a gram formula weight would be the same as a mole and we 
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Freezing Point Lowering of Solutions of 

Substances in Water 


Substance 

Concentration 

Freezing Point 

(Xon-electroU'tes) 

(Moles per liter) 

Lowering 

Glycerine 

0.1 

0.187 

Glycerine 

0.2 

0.374 

Ethyl alcohol 

V 

0.1 

0.183 

Methyl alcohol 

0.1 

0.181 

Methyl alcohol 

0.2 

0.3(>2 

Dextrose 

0.1 

0.180 

Dextrose 

0.2 

0.374 

Gane Sugar 

0.1 

0.188 

Hydrogen peroxide 

0.1 

0.184 

Sugar O.Oo \ 



Glycerine O.Oo i 

0. 1 

0.187 

Ayerage of a large num- 



ber of non-electrolytes 

0.1 

0.180 

Electrolytes 



HCl 

0.1 

0.352 

KXO 3 

0.1 

0.331 

KCl 

0.1 

0.345 

XaCl 

0.1 

0.348 

Xa2S04 

0.1 

0.434 

CaCb 

0.1 

0.494 

XiCb 

0.1 

0.538 


should expect that the lowering of the freezing point would be 

the same as for nou-electrolytes. Instead the lowering of the 

freezing point for HCl, KNO 3 , KCl, and NaCl is almost twice 

that for non-electrolytes; and for NajSOj, CaCl,, and NiClj 

more than twice and almost three times that of non-electro- 

1\ tes. Again we see a difference in kind between electrolytes 
and non-electrolytes. 
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Interpretation of the Foregoing Facts by the Theory of 
Ionization. Our problem is to interpret the fact that elec- 
trolytes give a greater lowering of the freezing point — almost 
two and sometimes three times as great as that of non-elec- 
trolytes. In a general way, we already know the answer — 
the theory of ionization — yet let us follow the logic of the 
argument to determine what the assumptions are and to judge 
the justification of any conclusions we may draw. In order 
to explain the fact that the lowering of the freezing point of 
some electrolytes like NaCl is almost twice that for non- 
electrolytes, we assume that the electrolyte is present in the 
solution as ions, not as molecules. If sodium chloride existed 
in solution as uncharged molecules of Nad we should expect a 
lowering of the freezing point of 0.186° per 0.1 formula weight. 
Twice this lowering would mean twice as many particles, which 
effect could be explained onlj" by the presence of sodium and 
chlorine particles existing separately in solution. Since a 
solution of sodium chloride is a good conductor we also assume 
that the particles are charged; one kind to be positively 

charged and one kind negatively charged. 

In a general way the explanation seems to be a satisfactory 
one. However, we maj" ask why the lowering of the freezing 
point of sodium chloride and similar substances is not more 
nearly twice that of non-electrolytes. There are two possible 
ways of explaining this latter fact. Let us consider a 0.1 mo- 
lal solution (0.1 formula weight per 1000 grams of water — 
refer to page 17) of sodium chloride as an example. For this 
solution the freezing point lowering is 0.348° C. If all the 
sodium chloride existed as Na+ and Cl" ions we would expect 
the freezing point lowering to be 2 X 0.186° or 0.372° C, if ions 
behaved exactly like neutral particles or molecides in solution 
If ions behaved like molecules in solution we can calculate that 
about 13 percent of the Na+ and CL ions are united in the 
form of uncharged NaCl molecules, i.e., 87 percent of all the 
sodium chloride in a 0.1 M solution is in the form of ions and 

13 percent in the form of molecules. 

How does this explanation apply to the experimental results 
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of conductance? If the assumption that only pai t of 1 lie sodium 
chloride (87 percent) is in the form of ions is valid, then we 
should expect that at very ‘ 2 ;reat dilutions all or almost all of 
the sodium chloride would he in the ionic form, for at liix'at 
dilutions the ions would he relatively far apart and would 
not liave the same chance of coml)inin^ with (‘ach otlu'i’ to 
form molecules. The molar or eciuivaU'iil conductance' we)uld 
therefore increase witli imu'easino; dilution, as it does. If 
further we assume that ions move with the same velo(*it\' in 
dilute as iu the more eoiicentrateil solutions, theti llu> conduct- 
anee of a 0.1 .1/ sodium chloride solution shotdd he N? percemt 
of that of an exceedingly dilute one. As a matter of fact tlie 
conductance is about 00 percent that of the very dilutt' solu- 
tion. The agreement between experinumt and jnx'dict ion, in 
this case, is not perfect but good enough to have led chemi.-ts 
to this view, which they nUained over thirty y(>ars. Today 
the idea of partial ioiuzation of stroinj electrolytes is no longc-r 
considered tenal)le in spite of the reasonal)le agreement re- 
ferred to abovt'. Chemists now regard practicallv all the 
sodium chloride in 0.1 .1/ solution to Ix' {)res('nt its ions, not to 
the extent of ST jiercent or 00 percent, but 100 percent as inns. 
How then are we to explain the fact that the lowt-ring of the 
freezing ]X)int is not 2 X 0.1 SG^ instead of 0.348'’ and how are 

we to explain the increased conductance of .sodium chloride 
with increitsing dilution? 

bet us first get it iticture of what we mean by the .sodium 
ion or chloride ion in solution. The sodium ion is designiited 
by the symbol Na’ and from this it might be inferred that we 
liehcve that the sodium ion exists alone and unattached to 
other inoleculcs in the solution. Evidence from conductance 
experiments tells us, however, that the sodium ion has .several 
mol(>cules of water (piite firmly attached to it. The number 
IS somewhat variable and is dependent upon the concentration 
ot the .sodium chloride and upon the temperature of the solu- 
tion. From what we said previously regarding the polaritv of 
\\ater molecules we might expect such a process to take place. 

c might expect that the negative ends of the water molecule.s 
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would be attached to the positive sodium ion and form a 
l:)lanket around it. Such a condition is illustrated in Figure 2.3. 
The same concept is held for the negative chloride ion and in 

general for all ions. 

Let us now examine closely 
the assumptions made in draw- 
ing conclusions regarding the 
partial ionization of sodium 
chloride to determine, if pos- 
sible, the weak point of the 
argument. Two assumptions 
were implicitl}” made; (1) that 
charged particles (ions) be- 
have like neutral molecules in 
lowering tl\e freezing point of 
water and (2) that ions under 
the influence of an electric field move with the same velocity in 
the dilute as in the more concentrated solutions. Contrary 
to the first assumption we might expect that ions in solution 
with their greater attractions 
for the polar molecules of water 
would not behave exactly like 
neutral molecules. The second 
assumption does not seem rea- 
sonable, since a positive ion 
will certainly be hindered in its 
movement toward the negative 
electrode by the proximity of 
negative ions. The negative 
ions will act as a ‘Tlrag^^ upon 
the positive ions and vice 
versa, tending to retard them. 

P'or this reason alone we should 

expect the conductance of concentrated solutions to be less than 
that of dilute solutions. 

The concept of ionic conductance and the effect of the close 
proximity of oppositely charged ions is illustrated in Figure 2.4. 



FIG. 2.4 The attractive force be- 
tween the ions prevents easy flow. 



FIG. 2.3 Concept of the hydratetl 

Xa^ ion. 
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The attractive force between positively and negatively charged 
particles tends to keep them near each other and to prevent 
the easy flow of these ions wlien they are placed l^etween the 
two charged plates of a conductance cell. The nearer the 
particles are to each other (the more concentrated the solution), 
the greater is this hindrance to flow, or the greater the “drag- 
effect” becomes. 

^^e can assume that the lowering of the conductance witli 
increasing concentration is entirely due to this “drag-effect” 
and tliat the molecules are completely dissociated. Further 
evidence in support of tlie theory of complete dissociation is 
presented in Chapter 3. Evidence which we cannot present 
here has further strengthened this view until it has become 

accepted by chemists. Therefore we shall 
consider most strong electrolytes to exist in solution entirely 
in the form of ions. 


Of all the common acids that we encounter in the labora- 
tory, H2SO4, HXO3, and HCl are 100 percent ionized (strong). 
All other eomnion acids are partially ionized (weak). The 
hydroxides of the alkali and alkaline earth metals are strong 
hase.s. All .salts are strong electrolytes with the exception of 

the halides of zinc, cadmium, and mercury and a few of the 
salts of lead. 

There are other arguments which support the theory of 
ionization, as it was first proposed by the Swedish chemist, 
Arrhenius. 1 hese include the transfer of matter by electricitv 
in solutions of electrolytes, Faraday’s Law which was used 
to assign the number of charges on each ion, and the common 
color of the same ion in solutions of different salts. A con- 
sideration of these phenomena may be found in almost any 
textbook of general chemistry. 

Ihe Solubility of Electrolytes in Water. In con.sidering 
the solubility of electrolytes we must first regard the sub- 
stances m .solution to be in the form of ions and not mole- 
cules Experiment supports the view that in the crystal form 
he electrolyte al.so exists as positive and negative ions re-u- 
lai ly arranged with respect to each other. The sodium chlorkle 
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crj^stal, for example, is built up of sodium ions and chloride 
ions, alternately spaced in such a way that each sodium ion 
is surrounded by six negative chloride ions and each chloride 
ion by six positive sodium ions. The difference in state be- 
tween the ions in the crystal and those in solution is the close 
regular packing in the crystal and the hydration as well as 
random distribution of the ions in solution. The process of 
solution of sodium chloride is given in Figure 2.5. The positive 



FIG. 2.5 Schematic view of the process of solution and crystallization of 

sodium chloride. 


sodium ions leave the crystal and become surrounded by the 
polar water molecules, and the same is true of the negative 
chloride ions. The ions are said to be hydrated. The same 
number of chloride ions as of sodium ions enters the solu- 
tion but nowhere is it necessary to assume that the sodium 
and chloride ions leave the crystal as molecules. The same 
picture would apply to the reverse proce.ss, that of precipita- 

tion. 

Whether any electrolyte is soluble or only slightly .soluble 
will depend upon the nature of the competition for its ions. 
If the forces of attraction of the ions for each other are great 
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in the crystal, the solubility will necessarily be loss, but if the 
tendency of the water molecules to hold the ions is o;reat, llie 
solubility will be increased. To say that a sul)stanoe is wry 
soluble means, according to our concept, that the crystal 
forces are small and that the attractive forces of the water 
molecules for the ions are great. Hydrated ions may be rv- 
garded as having some similarity to water molecailes, since tliey 
have water molecules attached to them. 

eak Electrolytes. Inasmuch as any strong electroivte 
is to be regarded as completely ionized, its conductance in 
water solution will be ectual to the sum of the condiu'tances of 
its individual ions. For example, the conductance of a solu- 
tion of sodium chloride is e(|ual to the conductance due to the 
Xa^ ion plus the conductance due to the Cl" ion. If in very 
dilute solution all ions were to move independently of ea(*h 
other and with the same velocity wlien subjected to the same 
conditions, it would follow that the ecpiivalent conductan(*e 
values of all elc(*trolytes would be identical. Since the con- 
ductance values are not tiie .same for all electrolytes of tlie 
same type we must conclude that .some ions travel faster 
than others. Thus it might be expected that the light and 
small ion would travel faster tlian the hcavv and lar‘*e 

C l i • W 

• s ion. 

In \ery dilute solutions we might expect that tlie “drag- 
cfTect ” would he inappreciably small and that, when suhjectcal 
to the same electric field (same voltage per centimeter length 
of cell), each ion would move with a definite velocity which is 
independent of the nature of the ion with which it is associated. 
For example, the cldoride ion would move with the same 
velocity in a dilute solution of potassium chloride as it would 
in a dilute solution of sodium chloi-ide. In otlier words, the 
conductance contributed by the chloride ion is the same in 

both solutions. 

However, in solutions of potassium chloride and sodium 
chloride the sodium ion would not travel with the same velocity 
as the potassium ion, nor would eitlier of tliese ions necessarily 
travel with tlie same velocity as the negative chloride ion. At 
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first sight it may be confusing to have a condition in which 
positive and negative ions travel with different velocities. 
One might argue that positive or negative ions would accumu- 
late at one end of the conductance cell. It must be borne in 
mind that reactions take place at the electrodes which will 
offset to a large extent any such accumulation and keep the 
number of positive and negative charges practically the same 

in all parts of the cell. 

Let us assume that in dilute solution the ions are independent 
of each other in their current-carrying capacities, and follow 
the method of determining the conductance of nitric acid from 
the conductance values of solutions of sodium nitrate, sodium 
chloride, and hydrochloric acid. Let us imagine that we are 
using a cell such as that described on page 26 and that in all 
of the experiments we impose the same potential between the 
two electrodes. Under these conditions the current carried by 
any electrolyte is proportional to its conductance. We shall 
designate the current carried by one equivalent of any sub- 
stance as A. Since sodium nitrate is completely ionized, the 
current carried by this substance is equal to the current cairied 
by the sodium ion plus the current carried by the nitrate ion. 

A(NaN 03 soln.) = A(Na+) + AfNOa') (1) 

A(HC1 soln.) = A(H-*-) -4- A(C1”) (2) 

By adding these two equations we obtain the conductance of 
a solution containing one equivalent each of sodium nitrate 
and of hydrochloric acid. The total conductance is the sum of 

the conductances of all four ions. 


A(NaN 03 + HCl soln.) 

= AfNa"*") + A(H'^) -I- AfNOa ) + A(C1 ) 



If we could remove the sodium and chloride ions from this 
solution, a solution of nitric acid would be left. However, it is 
not necessary to remove these ions to obtain the conductance 
of a solution containing and NOa” ions. Since the con- 
ductance of a solution of sodium chloride is 

A(NaCl soln.) = ACNa"*") + A(C1”) 


(4) 
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we need only subtract equation (4) from equation (3) to ob- 
tain the desired result, -f A(N 03 ~), which is equal to 

the conductance of a dilute solution of nitric aci<l. Making;; 
this calculation quantitatively, we find that the value so cal- 
culated for the conductance of a nitric acid solution agrees with 
that obtained experimentally. Thus we have evidence that 
our assumption rep:ardins the independent movement or (*ur- 
rent-carryinp; capacity of the ions is a reasonably \’alid one when 
applied to dilute solutions. 

In the same way we can calculate the condinUance that a 
solution of acetic acid (HAcj would lia\’e if it were a strong 

electrolyte. Ihis is the sum of the conductances of the h^■dro- 

% 

gen and acetate ions, which we can determine in the following 
manner: 

A(XaAc soln.j = AfXa-^) + A(Ae-) (5) 

A(HC1 solii.) =A(H^) + A(C1“) (()j 

A(Xa(,'l solii.) = A(Xa^) + A(C1“) (7) 


Adding eciuations (d) and (tij and subtracting (7) we obtain 


(d) + {()) — (7j = A(H’ j + A(Ac ) 


(S) 


Tlie value so calculated would be the conductance of a dilute 
acetic acid solution if acetic, acid were complclelij ionized. 

C'omparing the value for the conductance of an acetic acid 
solution, as calculated above, with that determined experi- 
mentally for a 0.1 M solution, we find that the e.xperimentalh' 
determined conductance is only about 1 percent of the value 
calculated. The value of the conductance of a 0.1 M sodium 
chloride solution is about 90 percent that for a very dilute 
solution. This fact we explained by the “drag-effect” due to 
the attractions of the positive and negative ions for each other. 
^^lth acetic acid, however, the ratio of the conductance of a 
0.1 M .solution to that of a very dilute solution is of another 
order of magnitude (1 percent) and we cannot explain this in 
the .same way. We must now assume that acetic acid exists 
in solution chiefly as acetic acid molecules and that onlv 
a )out 1 percent of the.se molecules is di.ssociated into hvdrofren 
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and acetate ions. There are quite a number of substances, 
particularly organic acids and bases, which are only partially 
ionized. Such substances are known as weak electrolytes 
and are intermediate between non-electrolytes and strong 
electrolytes. While such substances are not as numerous, by 
any means, as either the strong electrolytes (sodium chloride 
type) or as the non-electrolytes, they are nevertheless a very 
important class of substances with which we shall be very much 

concerned.* 

The Use of Ionic Equations. If a solution of sodium 
hydroxide is neutralized by one of hydrochloric acid the re- 
sulting solution will be one of sodium chloride. The hydrox- 
ide ion, OH-, of the sodium hydroxide solution reacts with the 
hydrogen ion of the hydrochloric acid solution to produce 
water; no reaction takes place between the sodium and the 
chloride ions. If the equation we are to use to represent the 
change taking place in tins reaction is to include only those 
substances which disappear and those which are formed, we 
may express the above change hy 

H+ + OH- = H 2 O (9) 


Some prefer to express this change as 

HCl + NaOH = NaCl + H 2 O (10) 


or if the substances involved are to be expressed as ions, 

JJ+ + Cl- + Na'*' -I- OH- = Na+ -b CC + H 2 O (11) 

In the last equation the ions N a+ and CC appear on both sides 

and ma3" be cancelled to give equation (9). 

Equation (9) does not give information as to what particu- 
lar kind of solutions were used, since the neutralization of 
solutions of potassium hydroxide and nitric acid would be ex- 


• The terms strong and neak must not be confused with d./.ite and con- 
centrated. A strong electrolyte is completely or almost comp etely ionized 
in solution, while a weak electrolyte is ionized to on y a small ^ “ 

centrated solution is one which contains a relatively 

unit volume, regardless of whether the solute is strong, weak or a non-electrolyte. 
A dilute solution contains a relatively small amount of the solute. 
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pressed 1)y tlie same ecpiation. On the other Iiand, the use of 
the simple eciuatiou (9) includes only those suhstanees that 
enter into the reaction and <^ives tht' information that stron*’; 
electrolvtes are invoh'ed. Thifi cqinition also iclls ns that the 
suhslanccs involved ore in solution. If ^'aseous hydrogen chlo- 
ride were to rea<*t with solid sodium hydroxide' to j^ive steam 
and solid sodium cliloriele, the eeiuation for the naiction 
would be more properly expressed i)y (10). Furt liermore, 
when we come to deal with eepiilihria and the corre'spondinji; 
{‘(luilibrium constants for chemical naictions, we shall find that 
eeiuations such as (10) and (11) ha\'e to be int('r]>r('t(Ml in l('rnis 
of ionic eepiations such as (9). Ionic eeiuations arc conven- 
tional, as well as expressions of the net result of ionic reactions, 
and we shall use such etiuations whene^’er ions are iiu'olved in 
the reactions. 

Some chemists preha- to indicate the hydration of the ions 
in the eciuation for the reaction, them to considiU’ these reac- 
tions from a somewhat dilTerent point of vi('w (a j)oint of view 
which we shall (*onsider more fully in a later chapt(‘r). This 
school would indicate the H’ ion as H.iO^ (the hydronium 
ion), i.e., the H ioit as attached to one molecule of water. 
I'nder this system ecjuation (9) would be written as 


H,()^ + OH- = 2HoO 


(12) 


For the most part we shall not follow this system but rather 

indicate the* formulae of the ions in their simplest forms, always 

bearing in mind that the ions are all hvdrated. 

% 

The etiuation for the neutralization of a solution of acetic 
acid (IIAc) by a solution of sodium hydroxide, we write as 


IIAc + OH- = H,0 + Ac 


(13) 


Here we write acetic acid as HAc and not as H+ for in this 
cas(' most of the acetic acid in solution is in the form of mole- 
cuk's and not in the form of ions. It is the molecules of acetic 
acid which ultimately disappear in the reaction, so it is neces- 
sary to de.-ignate them as su('h and to include them in the 
('(Illation. 
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Likewise, the formation of silver chloride by the addition 
of a solution of silver nitrate to one of sodium chloride is 

written Ag+ + Cl” = AgCl(solid) (14) 

In this reaction only the silver and chloride ions and the pre- 
cipitated silver chloride are involved; the sodium and nitrate 
ions take no part in the reaction whatsoever; the 3 ’- contribute 
neither to the forward nor to the reverse reaction. 

Questions and Problems 

1 . What is the difference between an electrolyte and a non-electrob^te? 

2- By what reasoning can we come to the conclusion that there is 
a sharp difference between electrob^tes and non-electroljffes (e.g., 
a difference of kind)? 

3. Is the equivalent conductance (conductance of 1 gram formula 
weight) of sodium chloride in solution increased or decreased if 
the solution is diluted with water? 

4. What is the average lowering of the freezing point of water if 
0.1 mole per liter of a non-electrolyte is added to it? 

5 . What would be the freezing point of a solution which contains 
.05 mole of sugar, .05 mole of glycerine and .05 mole of alcohol, 
all in 1 liter of the same solution? 

6. Explain why a dilute solution of sodium chloride has a greater 
conductance (per formula weight of NaCI) than does a more 
concentrated solution. 

7. Do ions in solution behave like neutral molecules in their effect 
on the lowering of the freezing point? 

8. Is a sodium chloride solution regarded as containing both sodium 
chloride molecules and the ions Na+ and Cl“? Explain. 

9 . What is the distinction between a strong acid and a concen- 
trated one? Name three strong acids. 

10 . Give a schematic picture of the process taking place when solid 
sodium chloride dissolves in water. 

11 . Give an example of a weak electrolyte. 

12. The equivalent conductance of a .01 molar solution of NaNOs 
at 25° C is 99 reciprocal ohms; that for a .01 molar solution of 
HCl, 391 reciprocal ohms; and for a .01 molar solution of XaCI 
it is 107 reciprocal ohms. Calculate the equivalent conductance 
of a .01 molar solution of HNO3 and compare with the experi- 
mental value of 384 reciprocal ohms. 


CHAPTER 

3 


The Structure of Atoms and Molecules 


The concepts of polarity and of electrolytes and non-electro- 
lytes, presented in the last two chapters as well as the concepts 
of valence and the stability of molecules can he pictured in 
f^reater detail and explained by considerations of the electronic 
structures of atoms and molecules. 

To help us visualize atoms and molecules in our mind’s eye 
and thus help us understand the phenomena of chemistry, we 
shall, in this chapter, devote our attention to this experi- 
mentally verified and accepted theory. 

General Concepts. All the experiments of chemistry 
and ph^'sics are consistent with the view that atoms are built 
up of positively charged nuclei surrounded by negative elec- 
trons. The nucleus of the atom possesses a charge which is 
ecpial in magnitude to the total charge of all the electrons sur- 
rounding the nucleus. This charge is known as the atomic 
number of the atom. 

To account for the classification of the elements into tlie 
main groups of the periodic system it is assumed that (1) tlie 
electrons in the atom arc arranged in concentric shells; (2) 
the number of electrons in each shell is definitely limited; (3) 
the inner shells of an atom are filled while the outermost shell, 
(‘xccpt in the case of the rare ga.ses, is not filled; and (4), the 
clKunical properties of the atom depend upon the number of 
i'lectrons in the outermost shell. 

ihe charge on the nucleus, hence the number of electrons 

41 


42 THE STRUCTURE OF ATOMS AND MOLECULES 

surrounding it, increases by one unit in passing from one ele- 
ment to the next element of higher atomic weight. When the 
number of electrons in the outermost shell becomes filled, a 
new shell is begun. The first or innermost shell requires two 
electrons to fill it. The next outer shell requires eight electrons 
and the other shells still more. The electrons of the filled 
shells are so tightly bound that they cannot be loosened suf- 
ficiently to form chemical bonds. Atoms are attached to each 
other to form molecules through transfer of electrons from one 
atom to another, or through sharing of common electrons by 
two atoms. Since onl}" the electrons of the outermost shell 
undergo such transfer or sharing and thus account for the 
chemical properties of the atom, our attention shall be largely 
confined to these electrons. 

The Inert Gas Structures. As we all know, the inert gases 
do not form any compounds — a fact which was of great 
significance to the chemists and ph3’'sicists who first formu- 
lated their ideas of atomic structure. Evidently’’ there is some- 
thing about their structures that makes them particularh' 
stable; the stability of their electronic structures cannot be 
enhanced through combination with other atoms as is the case 
with other elements. The distributions of electrons in the 
various shells about the nuclei of these elements are given in 
Table 4 on page 43. 

The number of electrons in each shell from the nucleus 
outward for any given atom is read horizontalh’. Thus the 
innermost shell (K shell) of radon contains 2 electrons, the 
next shell (L shell) 8 electrons, then 18, 32, 18, and finalh’ 8. 
Note particularh' that (1) with the exception of helium, each of 
the outermost shells of all these atoms contains 8 electrons; 
(2) each of these atoms has two electrons in the K shell and 8 in 
the L shell; and (3) the stable filled shells contain 2, 8, 18, or 
32 electrons — these numbers are equal to 2x1, 2 X 2^ 

2 X 3-, and 2 X 4^, respect ive^v. 

The Structures af Group /. The main group I of the 
periodic table (see back cover) consists of H, Li, Na, K, Rb, 
Cs, and Fr. We shall consider the structures of these atoms 
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Table 4 

Electronic Structures of Inert Gases 
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Atomic 

Number 

Element 

Number of Electrons 
in Shell 

K 

L 

.1/ 

A' 

1 

0 

P 

2 

Helium 

2 


1 

1 



10 

Neon 

2 

1 8 





18 

Argon 

2 

8 

8 




36 

Krypton 

2 

8 

18 

8 



54 

Xenon 

2 

8 

18 

18 

8 


8(i 

i Radon 

1 

2 

8 ‘ 

18 

32 

18 

t 

8 


(The designations /v, L, M, etc., arc arbitrary.) 


and note the differences between these and the structures of 
the inert gases. 

Table o 


Electronic Structures of Group I 


Atomic 

Number 

Element 


Numl 

i)er of Electrons in 

vShell 


K 

L 

M 

N 

0 , 

P 

1 

Q 

1 

Hydrogen 

1 


1 


i 



3 

Lithium 

2 

1 

1 





11 

Sodium 

2 

! 8 

1 

1 





19 

Potassium 

2 

8 

8 

1 




37 

Rubidium 

2 

8 

18 

8 

1 



55 

Cesium 

2 

1 

8 

18 

18 

8 

1 


87 

Francium 

2 

8 

18 

32 

18 

1 

8 

1 


Neglecting hydrogen, which we shall consider later, we see 
that, except for the single electron in the outermost shell, the 
structures are the same as those for the inert gases. Were 
these atoms to lose their outermost electrons through chemical 
reaction then they would revert to the stable structure of the 
inert gases. 1 hat is just what the}' do when they react to form 
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the ions Li+, Na+, K+ etc. Nor would we expect any of them 
to lose another electron from the next shell to form doubly 
charged ions, since the inert gases do not do so. 

The Electronic Structures of Group VII. Let us con- 
trast the electronic structures of the electro-positive elements 
in Group I with those of the electro-negative elements of 
Group VII. 

T.\ble 6 


Electronic Structures of Group VII 


Atomic 

Number 

Element 

Number of Electrons 
in Shells 

K 

L 

M 

N 

0 

P 

9 

Fluorine 

2 

1 

7 





17 

Chlorine 

2 

8 

i 


1 


35 

Bromine 

i 2 

8 

18 

7 



53 

Iodine 

2 

8 

18 

' 18 

7 


85 

Astatine 

2 

8 

18 

32 

18 

1 

7 


We note that each of these atoms has 7 electrons in the 
outermost shell. If each of them should acquire one electron 
to form a negative ion (for example, Cl~ ion), the structures 
of these negative ions would correspond to the stable inert 
gas structures as given in Table 4. It is well known, of course, 
that each of these elements forms singly charged negative ions. 
The positive elements lose electrons and the negative elements 
acquire electrons to form the stable inert gas structures. 

Electronic Structures of the Second Series. As we pro- 
ceed along anv horizontal row (series) of the main group ele- 
ments, in the periodic table, the core of the atoms considered 
remains the same, except for the nuclear mass and charge, and 
only the numlier of electrons in the outer shell changes. The 
core of the atom is to be distinguished from the nucleus in that 
it contains the nucleus and all the electrons except those in the 
outermost shell. The electronic structures for the second 

series are given in Table 
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e should expect those elements on the extreme left side 
of this table (except Ne) to have a tendency to lose electrons, 
to revert to the neon structure, thus forming; positive ions; 
and those elements on the right to accjuire electrons, forming 


Tahle 7 


Electronic vStrvctures of the Second Series 


Element and 

Xe 

Xa 1 

Mg 

A! 

C 1 • 

>>1 

P 

S 

Cl 

Atomic Xuinber 

I 10 

11 1 

12 

i 1'*^ 

1 

14 

I.-) 

^ Hi 

' 17 

K shell 

2 

1 

2 

1 

2 

1 

2 

1 

2 

2 

2 

2 

L shell 

8 

i 8 

8 

8 

8 

8 ’ 

8 

8 

M siiell 

0 

i 1 

1 

2 

3 

4 


() 

t 


neg<iti\e ions or negative valences and thus acquiring the 

stable argon structure. The chemical facts are in accord 
with tliese expectations. 

Since it is only tlie outermost electrons that are of signifi- 
cance from a chemical standpoint, it has become customary 
to represent the electronic structure of an atom by its sym- 
bol surrounded by as many dots as there are valeiu'c or out- 
side elections. In such a case the symbol alone represents 
the core of the atom. Thus, Ka represents the sodium atom, 

and :C1* the chlorine atom. 

• • 

Compound Formation by the Transfer of Electrons. 

hen ecjual minil)ers of sodium and chlorine atoms combine 
to form sodium cliloride, a typical electrolyte, the one outer- 
most electron of each sodium atom is taken up by the chlorine 
atom, thus forming in the crystal a symmetrical alignment of 
positively charged sodium ions and negatively charged chloride 
ions. A crystal of sodium chloride then consists, not of sodium 
and chlorine atoms, but of .sodium and chloride ions. The 
electronic structures of the.se ions are shown schematically in 
one plane in Figure 3.1. Actually, the electrons are distributed 
m a spherical shell. Note in Figure 3.1 that each ion has an 
outeimost shell of eight electrons complete in itself. Likewise 
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when sulfur S: combines with sodium Na we should expect the 

compound Na 2 S to be formed, for the sulfur atom requires two 
electrons to form the stable group of eight electrons, and each 
sodium atom can contribute only one of these. 

_ ^ We find that those com- 


Na 


4 

4 


Cl 


T 


Sodium ion 


Chloride ion 


pounds formed by the transfer 
f ® ^ ^ electrons (as contrasted with 

I , I Cl T the sharing of electrons) are 

^ , strong electrolytes. 

— ^ The Sharing of Electrons 

^ , and the Covalent Bond* 

Sodium ion Chloride ion ^ , i i • . 

Carbon tetrachloride, a non- 

' electrolyte, consists of a carbon 

atom surrounded by four chlorine atoms. The carbon atom 
by itself has four electrons in the outermost shell. These can 
supply the vacancies in the outermost shells of the chlorine 
atoms in carbon tetrachloride, one electron for each chlorine. 
With the extra electron fur- 
nished by the carbon atom, / 


FIG. 3.1 


nished by the carbon atom, / N 

each chlorine atom will have ^ Cl ^ 

a completed group of eight ^ u ^ 

electrons as its outermost ^ 

shell. But the carbon atom 

also must have eight electrons i Cl M C j) Cl I 

surrounding it, so two elec- /a 

trons must be shared by it and ^ — • 

by each chlorine atom. That ^ Cl T 

is, the carbon atom con- ^ 4 

tributes four electrons and 

each chlorine atom one of its 3 ^ Electronic structure of 

seven electrons to make a carbon tetrachloride, 

total of eight electrons about 

the carbon. All of these electrons then are shared between the 
carbon and the chlorine. This condition is illustrated in Figure 


FIG. 3.2 Electronic structure of 
carbon tetrachloride. 


3.2. 

The electronic structure of methane, another non-electro- 
lyte, is shown in Figure 3.3. In this case each hydrogen atom 
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supplies one electron and the carbon four electrons. These 
electrons are shared by both the hydroj^en and carbon. There 
are only two electrons for each hydrogen atom but this is 
also a rare gas structure, that of helium. 

Iodine chloride is a com- ^ 


/ 


H 


\ 


\ 


y 


( 

\ 


•r. 


H 


1 


Y 




H 


1 

/ 


> 



/ 

\ 


\ 


pound of iodine and chlorine 
having the formula ICl. Both 
the chlorine and the iodine 
atoms have seven electrons in 
the outermost shell, and to 
produce an electronic structure 
for which each atom has eight 
electrons surrounding it, it is 
neccssarv that two electrons 
he shared bv the two atoms 
in (piestion. The structure of 
this compound is given in 
Figure 3.4. 

By referring to both Figures 3.1 and 3.4, the difference be- 
tween electrol\'tes and non-electrolytes becomes appareaii. 
Each atom of an electrolyte has a group of eight electrons 
about it which has been completed without the necessitv of 

sharing anv of these electrons 


H 


) 


/ 


FIG. 3.3 


Electronic structure of 
nietliane. 







\ 


\ 


V 




/ 





with anv other atom. Tlie 
atoms of non-elect rolvtes are 

L j ( ' Cl ' bound together by shared 

^ ^ electrons. Wlien electrolytes 

dissolve in water the ions can 
separate and still retain the 
group of eight about each 
ion. The atoms of non- 
electrolytes are held together 
so strongly by the shared electrons that they cannot easilv 
exi^t as sej)arate ions. If iotline chloride were to dissociate 
in solution to produce one positive and one negative ion it 
^\ould be necessary for the positive ion to have but six elec- 
tions about it. 8uch a condition is not necessary for the 


FIG. 3.4 


I-.lcct runic jstructure of 
iodine cliloride. 
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production of Na+ and Cl~ ions. Iodine chloride, since it is a 
compound produced by the sharing of electrons, is not an elec- 
trolyte. 

Sodium sulfate is an electro^^e which exists in solution as 
sodium ions, Na"*", and sulfate ions, SO4 . The sulfate ion 
does not dissociate into smaller fragments for it is held together 

shared electrons. Its 


4 

4 

I 





4 


0 


N / 

5 





4, 


4 

I 




0 




I 

4 

/ 

4 

4 


4 

4 



FIG. 3.5 Electronic structure of the 
sulfate ion (dotted circles indicate 

completed shells). 


structure is shown in Figure 
3 . 5 . The sulfate ion, however, 
does not require the sharing of 
two of its electrons with each 
sodium particle and therefore 
it can exist bv itself in solution 
as an ion. The sulfur and oxy- 
gen atoms belong to the sixth 
group of the periodic S3^stem 
and therefore each furnishes 
to the whole structure six 
valence or outside electrons. 
These five atoms then furnish 
thirty electrons but thirt\'-two 
are necessary for all the groups of eight shown in Figure 3 . 5 . 
The two additional electrons are furnished by the atoms with 
whicli this radical is associated in the particular compound in 
(luestion; for example, the two sodium atoms supply these in 
tlic compound Na2S04, thus forming two sodium ions, and the 
two additional electrons on the sulfate ion produce a charge 
of - 2 . The sulfate ion is to be regarded as a unit with com- 
pleted electronic structure. The ox\'gen atoms are held to the 
sulfur atom by shared electrons. This shared electron structure 
accounts for the stability of the sulfate ion; there is little 
tendency for the oxygen atoms to break away from the sulfur 
atoms. If this process were to take place, the groups of eight 
electrons shown in Figure 3.5 would be broken up. 

The difference between electrohffes and non-electroJ3ffes lies 
in the difference between the electronic structures of these two 
t3"pes of compounds; eIectrol3"tes involve the transfer of elec- 
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trons and non-electrolytes tlie sliarinji; of electrons, to form the 
stable inert “'as structures. 

77i<^ \rntron — Hydrogen itorns in ('ornhination Form 
both yeniron and Heliuni-like Strnctnres. Tiie luaitivai 
is one of the fundamental atomic building blocks of nature. 

It consists merelv of a nucleus witli zero charax' and no outside 

% 

ele(*trons, and its mass is \-(‘r\' neai'K* the sanu* as that of tli(‘ 
hydrojren atom. Because of the la(*k of char^'c on t!ie nucleus 
and because of its small size (no out(*r electrons), this ])articl(* 
has the ability to pass throu‘»;h thick blocks of lead, as well as 
other substance's, with vc'ry littk' probability' of bc‘in<>: stopixul. 
It is only stoi)ped by collisions with the nuck'i of otlu'r atoni", 
and since the nuclei are also (*\ceedin^ly small, such c‘olhsi<!ns 
art' of improbable occairrence. 

Th(‘ neutron may be r(*j*;arded as an atom of an ///c/7 
which lie's aboce helium in the' zere) *;'r<)up of llu' ])eriodic sys- 
tem. The lu'utre)!! anel hyelro<i;en te)»-ethei’ then ea/nstilute the 
first series of the jK'riexlie* system. With this cone*ej)t, the 
first three series e)f the periodie* system are 


n 

He 

Ne 


H 

Li 

Xa 


Be 

\ [tr 


B 

A1 


c: 

Si 


X 

P 


o 

s 


F 

Cl 


By sliaring two electrons with another atom, the hv(lro<ren 
atom she)ws its tenelency to form the helium-like strue-ture. 
In the e*onipound LiH, lithium hyelriele, the hydrot^en atom 
elisplays this tendenew in a more marked fashion, for this com- 
pound in the molten state is in the form of Li“ and H“ ions, as 
may be shown by electrolysis. 

When the hyalrogen atom shows its tendency to reyert to 
the neutron-like structure (no outside electrons), it forms a 
hydrogen ion. 

In some combinations, such as methane, hydrogen shares 
electrons with the carbon atom. In acetic acid three of the 
hydrogen atoms are lield to a carbon atom by electron sharing; 
the hydrogen is in the helium-like state. The hydrogen atoni 
attached to one of the oxygen atoms behayes as though it shows 
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A B 

FIG. 3.6 


A. Hydrogen chloride molecules in B. Hydrogen chloride in solution, 
the liquid state. Hydrogen takes Hydrogen displays neutron-like 
helium-like structure. structure. 

the tendency to form both the helium-like and the neutron- 
like structure, for only part of these hydrogen atoms bound to 

oxygen in the acid molecule form H"*" ions bv dissociation. 

%• 

Liquid hydrogen chloride (B.P. - 85° C) is not a good con- 
ductor of electricit 3 '. In this form it is not ionized as and 
Cl“ ions. The lu'drogen and chlorine atoms are to be regarded 
as being attached to each other b\' electron sharing. When the 
molecules of Inxlrogen chloride are placed in water, however, 
the attraction of the water molecules for both the and CL 
ions changes this tendency' on the part of the h^'drogen atoms, 
and the^' all revert to the neutron structure. 

For the purpose of explaining this dual behavior of h^’-dro- 
gen, the neutron is regarded as a rare gas atom. 

Explanation of the Polarity of Molecules, In discussing 
polar molecules in a previous section in this chapter, no insight 
was given as to the reason for tlie difTerences between the 
polarities of various kinds of molecules. Our concept and 
theor^^ regarding electronic structure offer an explanation of 
this phenomenon. To understand this problem we must bear 
in mind that the seat of the positiv'e charge of an atom lies in 
the nucleus, while the electrons about the nucleus constitute 
the negative charge. 


Explanation of the Po/anfy of Molecules 
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Let us first (‘onsider the neon atom and deduce from our 
concept of its structure whether neon is a j^olar or a non-polar 
sul)stance. The charge on the nucleus is + 10 and tlieiH' are a 
total of ten electrons in the two shells about the nucleus. The 
negative charge is symmetrically spaced about the positive 
charge and therefore there is no portion of the atom that con- 
tains more positive or negative ('harge than the diametrically 
opposite portion. The atom is ihendore non-polar. 

The chlorine molecule, the ele(*tronic formula of wliich is 
gi\’en four lines below, is made up of posiii\e and negati\e 
charges symmetrically spaced. One chlorine^ atom is no more 
positively charged than the other. This substan(*e is likewise 
non-polar. 

:Cd:Ci: 

* • « • 

C'ljlorine Molecule 

However, suppose one chlorine atom of the chlorine mole- 
cule is replaced by one iodine atom, we then have the molecule 
K'l, iodine monochloride. In this case the chlorine atom has a 
greater attraction for electrons than does the iodine atom and 
conse(iucntly a slightly greater negative charge exists about 
the chlorine than about the iodine atom. One end of the mole- 
cule is therefore slightly more negatively charged than the other 
and the molecule is slightly polar. The tonpie or turning 
eltect of this molecule in an electric field would be ecpuvalent 
to a positive and negative charge separated by only a small 
distance, and pictorially or schematically we may represent 
the txjlarity l)y a positive and negati\’e charge rather close to 
each other, as shown in the following figure. 



Sodium chloride, as we have said, does not form molecules 
consisting of one atom or ion of chlorine and one of sodium 
either in the solid state or in solution. In the gaseous state, 
however, the sodium chloride molecule does consist of one 
particle of chlorine and one of sodium. As previously stated, 
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the sodium atom has a tendency to give up one electron and 
the chlorine atom displays a tendency to acquire an electron. 
Therefore, in the gaseous NaCl molecule we should expect 
that portion of the molecule occupied by the sodium to be 
positively charged and that portion occupied by the chlorine 
atom to be negatively charged. The molecule should therefore 
be polar with the positive and negative charges separated to a 
greater extent than in the ICl molecule. Schematically we 
might represent such a polar molecule by 


-f- 


A relativel}^ large effective distance exists between the charges. 

The water molecule is a highl 3 ^ polar one. The polarity’ on 
the part of this molecule gives us some insight into its structure. 
If the water molecule consisted of two h^’drogen atoms and an 
ox\'gen atom all arranged in a straight line, such as 

H:0:H 

• • 


it should display 
charges would be 


H 


I 


4 

I 

\ 



\ 


0 


+ 


no polarity’, for all positive and negative 
s^’mmetricall}^ distributed about the ox\"- 

gen atom. Since the water 
/ \ molecule is polar, we can 

conclude that the above 
symmetrical structure is 
impossible. Rather, the 
structure of this molecule 
is that represented by the 
formula given in Figure 
3.7. The bond angle be- 
tween the hy'drogen 
atoms is 105°. Since the 
oxy'gen atom tends to 
hold electrons more 
tightly^ than the hy’drogen atoms, that portion of the molecule 
containing the oxvgen atom would be more negatively' charged 
than that containing the two hydrogen atoms. 





H 


\ 


\ 


FIG. 3.7 Water molecule. 
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In general, if one atom in a molecule has a greater temlencv 
to hold electrons than any of the others, the molecule will tend 
to be polar unless it is symmetrical. In CCb, for example, the 
chlorine atoms are negatively charged with respect to tla^ car- 
bon atom Init the four chlorine atoms are symmetrically pla(*ed 
around the carbon atom and no polarity results. Chloroform, 
CHCl;i. on the otlier hand, does display polarity becatise of 
la(‘k of svmmelrv. 

The Hydrogen Ion in Hater Soluti€>n — The Hydro- 
niunt lofi. The hydrogen ion or proton is uniciue among 
positive ions in that it has no valence electrons and like the luai- 
tron is ver\- small. Like other ions it is h\'drated in s(jlution. 

V- « 

i.e,, surrounded by polarized water molecules, but because of 
its small size and because the water molecule aLo (‘ontains 
protons, it is assumed that for the nntst part the h>’(lrog(‘n ion 
.loes not exist in the uncombined form in water solution. 
Through a regular chemical binding (i.e,, an electron pairj 
the ])roton may atta(*h itself to a water molecule to form II.jO’. 
This singly hydrated hydrogen ion is known as the hyrlroninni 
ion. This ion behaves like any other positive ion in that it is 
also to be regarded as one which is surrounded by polarized 
wat(‘r molecules. 

The hydronium ion is the analog of the well-known am- 
monium ion. Liciuid ammonia, NH:j, has many properties 
common to water. Like tiie water molecule tlie ammonia 
mol(‘cule is polarized, and V\ke. water ammonia dissoh'cs many 
salts to form conducting solutions. If a pure acid is added to 
licluid ammonia, the NH.C ion is produced. A typi<!al reaction 


IS 


NH, + HNO 3 = XIL,* + XO 3 


(IJ 


By analogy we may argue that the proton in solution is not 
II ’ l)Ut H^O^. The addition of a pure acid to water would give 
the analogous reaction 


II,0-hIIX03 = Il30* + X03 


( 2 ) 


1 he electronic structures of both the ammonium ion and 
the postulated hydronium ion are given in Figures 3.8 and 3 . 9 , 
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FIG. 3.S The ammonium ion. FIG. 3.9 The hydronium ion. 


respectively. In the structure for the hydronium ion it is 
apparent that all three hydrogen atoms (or ions) are to be 
regarded as being alike, and that any one of the three can be 
removed. It should be pointed out, however, that these three 
hydrogen atoms are not in the same condition as are the two 
hydrogen atoms in the water molecule. The removal of one 
hydrogen ion from the hydronium ion results in the return of 
the two remaining hydrogens to their former condition. For 
example, if metallic zinc is placed into a solution containing 
hydronium ion (HCl solution), only one of the three protons 
is liberated as hydrogen gas. By the removal of one of tiiese 
water is left, which we know does not react with metallic zinc. 

AVith this concept the process of neutralization becomes one 
of competition between the water molecule and the OH* ion 
for the proton. The OH“ ion has the greater affinity for the 
proton and therefore robs the H 3 O+ ion of it. The reaction 
for neutralization is 

H 3 O+ + OH- = 2H.O (3) 

Both the hvdronium and In droxide ions are hydrated in solu- 

• V V 

tion but this excess h 3 'dration is not represented in their for- 
mulae. 

AVe ma 3 " regard the reactions involving the hydrogen ion 
from two points of view; ( 1 ) the transfer of protons from water 
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molecules to other proton acceptors, and (2) tiie addition of 
hydrogen ions (protons) to acceptors (such as ()II~ ion, A(*~ 
ion, etc.). The latter viewpoint is the one which lias been 
accepted for many years. It recognizes that the proton is 
hvdrated and in solution mav exist in the non-li\'di*ated form, 
the singly hydrated form, lIsO^, the doubly hydrated 
form, H 502 '*', and possibly in forms of higher degrees of hy- 
(h'ation. All these foi'ins ha\'c been lumped togethei' as "tiie 
hydrogen ion,” ha\'ing the simple symbol ll\ According to 
the Brpnsted * viewpoint it is assumed that the amount of 
unhydrated 11^ ion is extremely small and that the singly 
hydrated form, is the principal species present in any 

water solution. There are a number of pieces of information 
derived from experiments that give emphasis to the viewpoint 
that the ion is tiie predominant species. 

Throughout this text we shall continue to use the sim- 
plified concept and to indicate the hydrogen ion in solution 
merely by the symbol II except in those places where the 
material in question is re-interpreted in terms of these newer 
definitions. As we shall see, this concept has some distinct 
advantages, but we shall retain the older definitions inasmuch 
as they liave been used in tiie development of almost the wliole 
of modern chemistry. As this course progresses we shall find 
it profitable to compare these two points of view. 

The Sub-groups. In our previous discussion of electronic 
structure we have considered only the elements of the main 
groups of the periodic system. The electronic structures of 
these elements are all characterized by their close relationship 
to the structures of the inert gases. The sub-groups of the 
periodic system have structures wliich are not closelv related 
to those of the inert gases, and this difference between tiie 
structures of tlie main and sub-groups accounts for tiie dif- 
ferences in tiieir properties. To illustrate, let us consider suli- 

* .lohannes Nicolaus Brmistcd (1879 a Danish i>Iivsi<-al clu-mi-t 
fonneriy Director of the i>hysico-('heiuica] Institute at C:oi,enhaK<Mi, introduc-ed 
rH‘w definitions and a new concept of acids and liases. Tliese definitions will be 
developed at the appropriate places in the following chapters. 
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group one, the elements of which are Cu, Ag, and Au. Like 
the elements of the main group, Li, Na, etc., these elements 
display a valence of +1, but there the similarity stops. The 
metals of the main group are very reactive. Those of the 
sub-group are, on the contrary, inactive; they display more 
than one valence; and they readily form complex ions. The 
electronic structures for these elements are given in Table 8. 


Table 8 

Electronic Structures of Sub-group I 


Atomic 

Number 

Element 

Number of Electrons 
in Shell 

K 

L 

M 

1 

N 

0 

P 

29 

Copper 

2 

8 

18 

1 

1 

1 


47 

Silver 

2 

8 

18 

18 

1 

1 


79 

Gold 

! 2 

8 

18 

32 

18 

1 


A comparison of Table 8 with Table 5 shows that the core 
of the main group elements is that of a rare gas and the core 
of those in the sub-group is not. The shell next to the valence 
shell in the sub-group elements contains 18 instead of 8 elec- 
trons and the electrons in this shell of 18 are not as tightly 
bound as those in the group of 8. Therefore one or two of 
these may act as valence electrons, thus accounting for the 
formation of the ions with valences greater than plus one. 
We shall have more to say about these structures in a later 
chapter. 

Resanance and the Double Bond. From the foregoing 
considerations, it is apparent that a pair of electrons constitutes 
the single bond, as commonly designated by a single line. Thus, 
the usually designated structure for methane is 


H 
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instea<l of tliat shown in Fij^uro 3.3. l’]a(*h line in tliis st laieture 

represents a pair of electrons. Since tlu' ns(^ of (‘l(‘ct I’onic 
structures for molecules is cuini)(‘rsom(\ we usi' ll)(‘S(‘ liiu^s to 
indicate bonds, always i)earin^' in mind that each bond r(‘prc- 
senls a pair of >hared electrons. Instead of represtml in^ the 
structure of eth\’lene as 

II 11 


II II 


wo indicate this merelv as 


H H 

II II 

Sometimes it will be convenient for us to use both con\(‘n- 
ventions, particularly in cases for whicli w(' wish to indicate' in 
the structure the* outer ('lectrons wliich are not shan'd. 

For (‘xample, tlie structure for the o\y< 2 ;en molecule may be 
indicated in two forms : 


(A) :() (): , or (H) ()==() 

hroni what we lia\'e said r('fi;ardin'»' the tendency of (‘k'ctrons 

to form rare structures we sliould expect the structure' of 

e)xyn;en to i)C that of (B). He)wever, this is not the eaise, for 

the* majii:nelic projKa’ties of the oxygen moleeaile inelie*ate that 

two unpaired electrons are present in the molee*ide; there‘fe)i-e 

(Aj is the prcalominatinjr form. Ae*tually, be)th fe)rms exist. 

()xyo;en is e)ne of the relatively few molecules that break our 

rule's. The electrons in the oxygen molet'ule are ce)nsiantly 

shiftinjr between the two forms, spending most of their time 

in form (A). This i)henomenon of shifting between two forms 
\\e* call rrso//a/icc. 

Another example of resonanee is tiiat of earbon dioxide. In 
tins case there are three possible forms, each with 'rare gas 
•Struct tires about the earbon and oxygen atoms. 
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o=c=o 

• % • « 

1 


:0=C 

II 




C=0: 

III 


Calculations indicate that I is the most stable and therefore 
the predominating form, but all three forms exist. The elec- 
trons are shifting between these forms. The CO2 molecule is 
in a state of resonance. 

One might think of the compound propylene existing in the 
two forms: 

H H H H H H 

III III 

H— C— C=C C=C— C— H 

H H H H 


I 



Here resonance does not take place, for to shift from form I to 
form II a hydrogen atom must be shifted from the first to 
the third carbon atom. The hydrogen atom is heav3’' and has 
too much momentum to be constant^' shifting. Resonance is 
an electronic plienomenon. 

Resonance may take place between more than two bonds 
simultaneously'. An example of this multiple resonance is 
the benzene molecule. Its structure is given by' the two forms: 


H— C 
H— C 


H 

1 



H 

1 

C 



C 




/ % 

c:- 

-H 

H- 

-C C— H 

II 



11 1 

c- 


H- 

-C C~H 

% / 



\ ^ 

c 



c 

H 



H 

I 



II 


The two forms are alike (contrast with the CO2 molecule in 
which only' two of the three forms are alike); no additional 
encro-v is needed to 'Miff’ one form into the other. Resonance 
of tliis kind adds to the stability of the molecule as a whole. 
The bonds are not so easily' broken. The breaking of the bond 
is usually' necessary' to bring about chemical change. 
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Many other molecule^s have increased stability, due to 
resonance. The following are good examples: 


H 


H 


H 


II 


II 


C 

^ \ \ 

H— C C C— H 


H— C 




C 


c 


c 




p 

c 


C’ 




(’-II 


H-C' C 

\ \ 
c c 

II H 

Naphthalene 


C— H 


H— (’ 




C 


C' 

I 

H 


C 




C’ 


H 

Anthraeenc 


p 

c 


H 




C— H 


In both of the above cases only one of the resonating forms is 
given. 

The Structure of Graphite, Carl)on exists in three forms: 
(a) amorphous carbon, (b) graphite, and (c) diamond. Amor- 
phous carbon is that form whicli appears as lampblack and 
completely carbonized organic compounds such as sugar and 
coal. In this form the carbon does not have a well-defined 
crystal structure. 

Clraphite has a layer-like structure. Each layer has the 
structure indicated in Figure 3.10. 


C 




c: 


1 

c 

/ / 

0 


c 

II 

c 


p 

c 


c 

II 

c 


\ 


c 

c 


c 




c 


c 




C: 


4 

c 


c 


% 


c 


c c 

\ \ 
c c 


C C’ c c 

r/ \/ \ -/ \ ^ \ 

c c c c 


C’ c 

\ % 

c: c 


c 


1 

c 




c 


c 


c 


c 


\ / 
c 

c 


\ \ ^ \ 


c 


FIG. 3.10. The electronic structure of one layer of graphite 
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It is easy to see tliat the double bonds can occup 3 ' positions 
other than those indicated in Figure 3.10. This is a resonating 
and hence a stable structure. 

The greatest stability is obtained when the bonds are co7i- 
j}igatcd, i.e., when every other bond is a double bond. Note 
that this condition prevails for graphite, anthracene, naphtha- 
lene, and benzene. Note also in Figure 3.10 that each carbon 
atom lias four bonds attached to it, i.e., each carbon atom has 
a rare gas structure. There are, therefore, no bonds or bonding 
electrons left over to connect the various layers of graphite. 
The layers are held together, not by covalent electrons nor b 3 ' 
ionic attraction (there are no ions as in NaCl) but rather by 
van der Waals forces. These forces, which are to be discussed 
ill a following section, are very weak as compared with the 
forces lietween the carbon atoms in each plane. The measured 
distances between the carbon atoms in each plane is 1.42 A, 
while that between the carbon atoms in adjacent layers is 

o 

3.40 A. The layers are about 2^ times farther apart than are 
the carbon atoms in the same plane. Since the forces holding 
together the planes are very weak, graphite easily cleaves in 
this direction. As we should expect, graphite is flaky. 

The Structure of Diamond. Diamond does not possess 
the hexagonal resonating structure of graphite but rather a 
tetragonal structure. In diamond each carbon atom is sur- 
rounded in space (not in a plane) by four other carbon atoms. 
The distances between all carbon atoms is the same. One can 
get a picture of this structure by imagining a single carbon 
atom with four bonds (lines) about it; the angles between all 
the lines are the same. Thus all the carbon atoms are tied to 
each other by shared electrons; i.e., covalent bonds. The 
whole diamond cr^'stal is therefore one large covalently bonded 
molecule. The bonding forces between the carbon atoms is 
very great. This accounts for the hardness and the high 
melting point of diamond. 

Induced Dipole Moments and van der W^aals Forces. 
In Chapter 1 we discussed polar molecules and showed that 
molecules having unsymmetrical charge distributions were 
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subject to a turning or rotational elYects in ol(M*trica) fields. 
This turning effect is reflected in a lai‘g(' diele(*tric constant. 
The water molecule is of this kind. It has a large diel(‘ctri(* 
constant ; it is polar and is said to lia\'e a hu'g(^ dij)()ie nnunent 
(the average distance between the charge center's is relativelv 



Let us now consider the neon atom and its beha\’ior betwe(*n 
two condenser plates as shown in f'igui’c^ 3.1 1. d'he lu'on atom 
consists of a small nucleus witli a +10 chai'ge sui-i'ound(Hl by 
two shells of electrons — the inner shell consisting of two and 




fk;. ;fi i 

A. The syiiinietrical neon B. The neon atom in an eleetrical 
atom. Sliaded portion repre- 
sents eleetron densitv. 


the outer shell of ei-ilit electrons. It is completely symmetrical 
and is therefore not a polar molecule. Vet some polarity can 
he induced into it, by its mere pre.scmce in an electric fi('ld. 

Consider first Figure 3.1 1.\. This shows the symmetry of the 
molecule — no dipole moment. By comparing this with Fig- 
ure 3.1 IB we see that the position of the electronic shells has 
been slightly displaced by a very small amount (a) with re- 
spect to the nucleus. This small displacement gix’es rise to an 
induced dipole moment - a moment induced or brought about 
by the electric field. It is for this reason that non-polar sub- 
stances have definite but small dielectric constants. 

iSiniilar considerations provide us a means for understanding 
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the \ an der Waals forces. Let us consider two neon atoms such 
as shown in Figure 3. 11 A, side by side, and close together. As 
we have said, the outer electrons do not completely screen and 
neutralize the nucleus. At short distances the nucleus of one 
atom is attracted by the negatively charged shells of the other 
while the two negative shells tend to repel each other. At 
some distances there is a net attraction. These combined 
attractive and repulsive forces are known as van der IFoa/s 
forces. It is these forces that cause non-polar molecules to 
condense and form a liquid when the velocities of the gas 
molecules get slow enough to allow the forces to operate. It 
is also these forces that bind together molecules of a non- 
polar, non-ionic, or non-coordinatelv bonded solid. 

For many kinds of molecules the van der Waals forces are 
solely responsible for the attraction between these molecules 
in the liquid state. Ordinary gasoline, although not a pure 
liquid, is an example of a substance with this type of molecular 
liquid binding. 

It is these same forces that bind together the layers of car- 
bon atoms in graphite. 

The Different Kinds of Inter-atomic and Inter-molec- 
ular Binding Forces — A Recapitulation. In general 
there are two distinctly different kinds of forces that bind atoms 
and molecules to each other. One is the covalent bond (the 
sharing of electrons) and the otlier arises from electrostatic 
attraction between the charged particles that constitute the 
atom. The covalent binding asserts itself within the mole- 
cule. It is the force which is exerted by the coupling of elec- 
trons between two or more atoms and constitutes the chemi(*al 
covalent bond. 

The attractive forces due to electrostatic attraction mav i)e 
divided into three kinds: (1) ionic attractive forces, as exempli- 
fied in the sodium chloride crystal; (2) dipole attracti\'e for(*es, 
as exist between water molecules in ice; and (3) ^'an der 
Waals forces, which exist between molecules having no dipole 
moments, i.e., between non-polar molecules. 

Combinations of these various kinds of forces exist in many 
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solids and liquids. In diamond the atoms aro ludd tofinllior 
purely by covalent forces. In graphite the forces arc coNalcnt 
in each layer and van dcr Waals between layers. 

In sodium chloride the forces binding the Xa* and Cl ions 
together are ionic, Init in some crystals, particulaily oxides, 
the attractive forces are partially ionic and partiall\- cov ahait . 

In water solutions of electrolytes - - a water solution of 
XaCl, for example — the ions arc hydrated dia* to the attiac- 
tive forces between the ions and tlie jiolar molecules. 

In a molecule sucli as butyl alcohol CH a ( 'Il.j . ( '1 Id )1I, one 
(aid of the molecule is polar, 'fliis jiolar end induces a charge' 
shift in the whole molecule and so the attractis’c forces that 
hold these molecules together in both the li(|uid and solid 
state are both {lolar and van dcr \\'aals forces. The coniribu- 
tion of polarization to the binding force is illustratc'd in Tabh' 0. 
in which the boiling points of various hydrocarbons arc' com- 
parc'd with their re'spcctive alcohols. The alcohol ditlVrs from 
the hydrocarbon in that a h>-drog('n atom at tlu' ('iid of the 
carbon chain is substituted by a polar Oil group. 

.\s wotdd be exi)cct('d, the dilfcrciu'c between the boiling 
points, a measure of the difference In'twe'C'n the' binding forcc.-T 


T.\hlk 9 


Tin: Uklativk Kffkct of .\ Pol.muzixg 
duori' ON Tin-: lUniAsa Point 


(’onipourul 

Formula 

Boiling Point 

1 )iri’(‘r(‘nc<‘ 


oil, ('ll., 

-SS.ti'' 


\ 'A hyl Al(‘()h(jl 

oii:,on.,()ii 

78.4 ^ 

107.0 

Hutaru' 

on, (('ll.,)., ('ll, 



Hutyl Alcohol 

0!I,(('n.,).,('II.,()H 

118. 1 

00 

% 

Octane 

OII,(('II.,)r,('IT,, 

125.7^ 


Oct \i Alcohol 

on, (Oil., )f, ('II, on 

104..-) 

CO 

1 h)(l(‘cano 

on.,(on.,j,„on. 

/ 

214.51 


l)o(l(‘cyl AIcoIhjI 

on,(Cn,),„('n.,()n 

255. J 

40.5 
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becomes less and less marked as the molecules get larger and 
the polar OH group has a smaller proportionate effect. 

/onfc. Covalent^ and Metallic Radii. We have discussed 
the force concepts which give rise to the different kinds of 
bindings, but there is another important factor that influences 
the binding and thereby influences the properties of the differ- 
ent chemical compounds. It is the sizes of the various atoms 
and ions in the cr 3 'stalline state. These data are given in 
Table 10. The effect of ionic or atomic size on the chemical 
properties of a compound will be discussed throughout this 
text as we proceed. 


Table 10 

Ionic Radii (According to Zachariasen) — Based 
ON Crystal Coordination Xcmber Six 


^^alence 


o 

Ionic Radii in Angstrom Units 


-2 



0 

1.45 

S 

1.90 

Se 

2.01 

Te 

2.23 

Po 

2.32 

-1 



F 

1.33 

Cl 

1.81 

Br 

1.95 

I 

2.20 

At 

2.29 

+ 1 

Li 

0.G8 

Xa 

0.98 

K 

1.33 

Rb 

1.48 

Cs 

1.67 

Fr 

1.75 

+2 

Be 

0.30 

Mg 

0.65 

Ca 

0.95 

Sr 

1.12 

Ba 

1.28 

Ra 

1.35 

+3 

B 

0.18 

Al 

0.45 

Sc 

0.68 

Y 

0.88 

La 

1.04 

Ac 

l.Il 

-1-4 



Si 

0.35 

Ti 

0.55 

Zr 

0.74 

Ce 

0.92 

Th 

0.99 

4-5 







XI) 

0.67 



Pa 

0.89 

4-6 











U 

0.83 


The ionic radii, as exemplified in sodium chloride, differ 
considerably' from the atomic radii of the covalent ty'pe, as in 
diamond. The values of tlie radii of the atoms in metals (the 
metallic radii) fall between those for tlie ionic and the covalent 
types. Furthermore, the radius of any ion depends both upon 
its charge and its ciwstal coordination number. For this 
course, therefore, the above table should l>e regarded as an 
approximation. In qualitative anah'sis, we deal largely' with 
ionic cry'stals. We are, tlierefore, not so concerned with the 
atomic and metallic radii as we are with the ionic. 


Quesf/ons and Problems 
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Questions and Problems 

1 . To wluit inert structure, if any, ar(‘ tlie structures of the 


followinji; atoms 

related : 


fa) 

Ha 

(f) 

\ 

Xi 

(b) 

1 

(g) 

Zn 

(c) 

As 

(iu 

1'e 

(d) 

11 

(i) 

Al 

(t‘) 

() 

« . 

M) 

Pd 


I'^Nplain the ta<-t that IK’l in the pure li(pief!(al form is not a 
^‘ 00(1 conductor of ('Un’t !-icil y whilt* in a(iueous solution it is. 
\Vrit(‘ the (electronic structures (out(‘r slu'lls onlv) for the fol- 
lowinir: 


(a) SO., “ 

(h) (’iU’h 

(c) POr-- 

(d) XHr 

(C) (’li;(’IU 


(fi i-ir-j 
tR-) S-- 
(hi K('l 
li) Xa_.() 

hi) xi-h, 


4. 'I'he unchar<i('d radical XII, has \)cvn produccMl hy the electrolysis 
ot an acpK'ous solution of an ainnioniuin salt, usino- ni(‘rcurv 
('lecti-odes. From a consideration of the el(‘ctronic structure of 
this radical, would you exjx'ct it to have i)roperties similar to 
thos(‘ of the <ras (’IF or to those of X’a? 

o, Mak(‘ a table* similar to Table 8 for the elements of tlu* second 

sub-f^i-oup (Zn. etc.). List tliree prop(*rties of the (*l(‘m(*nts of 

this ^roup that diH(*r Irom those of the corr(*spondinj>j main 
Kroup. 

6. A molecuU* which has an odd number of eh'cfrons in its structure 
nmst have at least one unt)air(xl electron. This uni)air('d el(*ctron 
‘iivc's ris(* to paramaj>;n(*tic prop(*i-lies: i.(*.. the mok'cuk* is at- 
tract(‘d into a majiiietic held — it is a small ma<i;ne1. X(). XO-., 
ai>d (M ().2 are ]>araman;net ic. while Xd) and Xd).,. and C'ld) 

are not. Pveconcile th(*se facts with t!ie above odd-electron rule 
of mapietic propeHies. 

1-rom the standpoint of electronic structure, explain (a) why 
graphite is flaky and (b) why diamond is \-ery hard. 

a. ^\hat IS the fron(‘ral nature of van der Waals forces betwc'en 
molecules? 

9. Why ethyl iileohol, ('ll ,C'11,()I1, liave a much hisiher hoilin.^ 
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point than propane, CH3CH2CH3, although both have about the 
same molecular weights? 

10. Suppose that pure water lies between two plates of a condenser 
(as shown in Figure 1.5). The capacity of the condenser (the 
charge that the plates can carry) is increased b 3 '' the presence 
of the polar water molecules. If the charge on the two plates is 
reversed, what vill happen to the water molecules? Suppose 
now that the charge on the two plates is alternated more and 
more rapidl 3 \ Bearing in mind that the momentum of the water 
molecule must be overcome at each alternation, explain wh^' the 
capacity of the condenser (the ability’' of the plates to cany a 
larger charge) will decrease when the frequency-' of alternation 
becomes very high. Liquid neon, in between the plates, would 
not show this effect. Whj^? (Hint: electrons are light and 
therefore have little momentum.) 

11. What are the four kinds of forces that bind atoms and molecules 
together in the crvstalline state? 



CHAPTER 
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Quantized Atoms and Molecules 


The Quantum Theory. After tlie development of I he 
electric lamp, and particnlarly the carbon arc lamp, which 
once litthted the streets of our larpie cities, it became increasingly 
difficult to measure the intensity, i.e., to determine the candle 
power, of such lights by comparing them with the light of a 
candle made to given specifications, as had been done with 
previous light sources. Not only was the light emitted by 
these new sources much more intense than that emitted by the 
candle, but it also was different in color. 

To better understand the nature of light emitters such as 
filaments and carbon arcs, and particularly liow the character 
or the color of tlie light varied with tlie temperature of its 
source, tlie German bureau of standards, the Rnch.saiistalt, de- 
vised a light emitter which was called a hohlrnum, i.e’., a 
hollow. The holilraum is merely a hollow object such as a 
sphere. When heated in a furnace the radiation within the 
hollow comes to temperature equilibrium with the walls of the 
hollow. There is a small hole in the wall of the hollow, and 
through this hole a small fraction of the light e.scapc'< for 
measurement. It was shown that the nature of the light 
emitted by a hollow is always the same, at a given temperature 
regardless of the nature of the walls — the nature of the liGit 
IS the same with copper, nickel, or black carbon walls. The 
ight emitted from such a hollow, which is always at tempera- 
ture eiiuihbrium, is known as black body radiation. 

67 
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White light is a composite of many colors. ]\Iore specifically, 
since different kinds or colors of light are characterized by 
different frequencies (or wave lengths), white light is a com- 
posite of light of a wide range of frequencies. So also the light 
from a hollow, i.e., black body radiation — which at high 
temperatures appears to be white, at low temperatures red — 
is a composite of light of many frequencies. 



5 10 a b 15 20 25 


Wave Length in fJ. (10 ^ cm.) 

FIG. 4.1 Energy distribution of black body radiation. 

Ti = 0° C, T-z = 100° C. 

The light emitted from the liollow was anal^'zed. For ex- 
ample, experiments were made to determine what fraction of 
the total light energy lay between wave length 1.0^ and l.ln, 
what fraction between 1.1 m and 1.2m, etc. (1m = 1 X 10“^ cm.)- 
In such a way an intensity distribution was determined. It 
was found that this distribution of energy was different for 
different temperatures of the emitting black body. The dis- 
tributions for two different temperatures are given in Figure 4.1. 

To illustrate the interpretation of these curves, we pose the 
following que.stion: What fraction of all the light emitted by 
a black body lies between the wave lengths a and b at tempera- 
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ture 7\? Draw vertical lines at a and b which meet the curve 
of Ti. The fraction of li^ht emitted from tliese wave lengths 
is the ratio of the area contained by the curve between tliese 
two vertical lines (shaded area on the plot J to the total area 
under the curve for Ti. (To determine these areas one can 
use ^raph paper and count or estimate the number of sejuares 
in eacli area.) 

It will be noted that at the higher temj^ierat ure the maximum 
of the curve sliifts toward shorter wave lenf>;ths, i.e., toward the 
blue. A frreater proportion of blue lijrlit is ^iven out at lii^li 
temperatures than at low temperatures. Hence, a pii'ce of 
iron heated to 700° appears red, that at 1,000° C, wliite 
(the li^'ht emitted at 1,000° C contains more blue li^ht) — one 
is red-hot, the other is white-hot. 

ihe distribution of radiant energy in a hollow or black body 
as jriven in Fij^ure 4.1 ^rreatly interested scientists durinjr the 
last 20 years of the last century. 

By niakinn; various assumptions, they tried to calculate the 

shape of the curve in Fioure 4.1. One assumption led to a 

rej)roduction of the left-hand side of the cur\'e, and another 

assumption, to the ri<rht-hand side but no single assumption 

or hypothesis jrave a reproduction of the comi)lete curve with 
its maximum. 

It was not until 1001 that Max Planck, a famous Cermau 
physicist, hit upon the right solution and calculated the etierg\'- 
distribution law and reproduced by calcailation the curve 
gi\en in lMgure4.1. But he could not do so without making a 
very radical assumption; namely, that light was emitted and 
absoibed in chunks, i.e., in quanta. This was the beginning 
of the (luanlum theorv. 

Ihe assumption of Planck changed our picture of radiation. 

Bight of a given fre(iuency coming to us from the sun, for 

example, does not come as a continuous wave as shown in 

Tigure 4.2A l)ut rather in bursts or quanta as illustrated sche- 
nialically in Figure 4.21B 

Radiation i.s measured by its absorption on a black surface 
which thereby raises the temperature of the absorliins surface. 
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A 


B 


FIG. 4.2 

A. Concept of continuous radiation. B. Concept of quantized radiation. 

This energy is usually measured in ergs, the smallest funda- 
mental unit of energy. 

Planck found that to specif^' the amount of energy in ergs 
of each quantum of light, it was necessary to multiply the 
frequency (vibrations per second) of the light by a certain 
number which is known as Planck’s Constant. In the short- 
hand of science he designated this multiplication factor (or 
conversion factor) as /i. In this discussion we cannot go into 
the method by which the constant h was evaluated, lest we 
digress too far from our subject. The energy of each quantum 
(or burst of energ^^) is therefore equal to hy. v or hv (p is the 
symbol for frequency, in vibrations per second). It should be 
noted that the amount of energ 3 ' in one quantum of X-radiation 
(X-rays) with very high frequencies is much greater than in 
one quantum of red light of relatively low frequency. 

Only a veiy few people became excited about the quantum 
theory in the early part of the present century, because it 
seemed possible that some other assumption might answer the 
(jiiestion just as satisfactorily and there was no proof or positive 
sustaining experimental evidence to support Planck’s hypoth- 
esis. 

This condition of doubt existed for several 3 ^ears. Then 
came the experimental support of the quantum theor 3 \ 

The Photoelectric Effect. In 1905 Einstein predicted, on 
the basis of the quantum theory, that when light is absorbed 
by a suitably sensitive metal surface and electrons are thereby 
emitted — as in our present photocells — one absorbed quan- 
tum of light should knock out only one electron from the sur- 
face. Also, he predicted that a quantum of high energy (light 
of high frequency) should knock out the electron at a higher 
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speed (i.e., In^her kinetic energy) than would a low ener^^y 
quantum. Roherl A. Millikan, then of the I'nix-ersity of 
Chicago, quantitatively verified Kinstein’s predict ions. This 
was evidence suhstantiatin«: tlie quantum tiieory. 

The Photochemical ZiV/r/n o/eiire Laiv, At about tlu' 
same time that Einstein predicted the effect of li^'ht on tlu' 
ejection of electrons from a metallic surface, he also predicted 
another effect as the consetiuence of Planck’s (luantum theorv. 
This effect had to do with the (piantitative effec't of lio'ht in 
])hotochemi(*al experiments. 

It is well known that li»-ht brin^-s about chemical I'latct ion<. 
The photo{*:raphic plate or film is an example, Tiie outstand- 
ing: example is the action of lio-ht on the ^reen chlorophyll of 
plants which, by the fixation and reduction of the carbon 
(lioxide in tlie atmosphere, results in the formation of starch, 
c(*llulose, and a host of other substances. 

lAnstein reasoned tliat, if li^ht consists of (pianta. i.e., 
chunks of enerji-y, then in the simplest case one (luantum of 
li^ht energy should affect only one molecule. IRit, inasmuch 
as a molecule may not be able to decompose without rcaictin<; 
with another of its kind, i.e., one of its immediate neifi,-hbors, 
then two or even more molecules may change chemically for 
each (luantum absorbed. Tlie net result of Einstein’s reasoning 
was that in the simplest i)hotochemical experiment a simple 
and low multiple number of nuilecules should react for each 
(lUantum of li^ht absorbed. 

It so haj)pen(‘d that one of tiie best possible expi'riments to 
prove the Einstein hypothesis was first tried for this purpos(\ 
Tins experiment was carried out by Emil Warburg, a German 
ph\sical chemist. He used for his experiment the reaction 
mvolvino- the decomposition of hydrogen iodide, HI, by li^ht. 
\\arbui-^r found that, for every (piantum of Vi^ht absorbed, 
two molecules of HI were decomj)osed into H 2 and E. War- 
buro-’s experimental results are fi;iven in Table 11. 

Ihese exp(a-iments are (luite diffi(*ult to carrv out. Devia- 
tions of the values from 2.00 undoubtedly represent expen- 
numtal error. 
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Table 11 


The Photochemical Decomposition of Hydrogen Iodide 

Wave Length Employed 

(A units) 

iMolecuIes Decomposed 

Per Quantum Absorbed 
(Mean Values) 

2,070 

1.97 

2,530 

2.08 

2,820 

2.11 


The mechanism later worked out and accepted for this re- 
action is as follows: 

HI + hv (1 quantum of light) = H + I (1) 

In the first step the HI is decomposed into its atoms. The 
hydrogen atom produced by reaction (1) reacts with another 
HI molecule to make H 2 and another I atom. 

H + HI = H 2 + I (2) 

The HI molecule is sufficiently stable so that the iodine 
atoms formed in the reaction cannot react with it. That is, 

I + HI = H + I 2 is not possible because iodine atoms have 
a greater tendency to hold onto H atoms than onto other 
atoms of its own kind. In other words, an I atom holds an 
H atom tighter than it does another I atom. 

Since the I atoms cannot react with HI molecules, they 
can react onl 3 ’' with H atoms or with other I atoms. But there 
are very few H atoms present, because the H atoms are re- 
moved by the many HI molecules in the reaction mixture. 
For the same reason, it is ver^^ improbable that the H atoms 
recomlune with each other to produce H 2 . Accordingh’, the 
I atoms react with each other to form L>. 

21 = L (3) 

We then summarize the various steps in the process: 
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m + hi^ = H + I (1) 

H + HI = H, + I (2) 

I + HI = I, + H fenor^etirally impossible*) (\) 

2H = Ho (highly improt)al)le) (y) 

21 = h: (3) 

2HI + /m - lo + Ho (4) 


Adding eeiuations (1). (2), and (3) algebraically, neglecting 
(x) and (y), and cancelling like entities from opposite sides of 
the eepiations the resultant eeiuation is (4). 

According to equation (4), two molecules of HI are deeann- 
posed for every (|uantum absorbed. This is what Warburg 
found experimentally. If tlie HI molecules were decomi)osed 
proportionately to the total amount of ('iiergy (in (*alories or 


ergs) absorbed, rather than to tlie number of (puinta (irre- 
spective of calories or ergs) absorbed, then light of higher 
freciuency (shorter wave length and greater energy) should have 
decomj)()sed a proportionately larger amount of HI. This is 

not the case. Thus, Warburg again verified Planck’s (plant uni 
th(‘or\'. 

i 

It was fortunate that Warburg chose the right experiment to 
prove his point. Any otlier experiment might have given 
ambiguous results. It was later found that the reactions which 
gi\ e an unambiguous answer to this question are rare. In 
most photochemical reactions, much of the light energy ab- 
sorbed is wasted by the heating of the mixture and only a 
fraction of the (luanta absorbed cause chemical reactions; or 
the light may start a chain reaction, i.e., one (luantum may 
give rise to the decomposition of hundreds or thousands of 
molecul(;s. For example, if one quantum could set off the 
explosion of a mass of sensitive high explosives, then many 
molecules would decompose per (juanturn absorbed, 

hoitunatc'ly, a well selected photochemical experiment by 
WaiTurg gave Planck’s hypothesis an additional impetus. 

However, thousands of later experiments proved the validity 
of the ciuantum theory. The explanation of tlie spectrum of 
atomic hydrogen by Niels Bohr gave rise to most of them. 
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The Emission of Light by Atoms. When the light from 
an incandescent filament is observed through a spectroscope, 
one sees a continuous spectrum in which the colors gradually 
shade from red to yellow, green, blue, and to violet. The 
spectroscope spreads and separates the various frequencies. 
If, instead of an incandescent filament, a neon lamp is used as 
the light source, one sees, instead of the continuous spectrum, 
a series of distinct red and green lines. The continuous spec- 
trum of the light filament is like that of a black body — all 
frequencies are present. The line spectrum obtained from 
the neon lamp is that emitted by the atoms of neon and is 
known as an atomic spectrum. 

Like the neon atom, the hA'drogen atom (not the hydrogen 
molecule) also emits a line spectrum. Such a spectrum is 



Increasing Frequency (r*) ^ 

FIG. 4.3 The Balmer spectrum of the hydrogen atom. 


emitted by some of the hot stars where the temperature is so 
high that h\’drogen exists as atoms only. If one examines such 
a spectrum of hydrogen (Figure 4.3) it is apparent that some 
relatively simple regularity in the frequencies or wave lengths 

exist 

In the latter part of the last century Rydberg, a Swedisli 
astronomer, found that the frequencies of the visible hydrogen 
lines could be expressed by the empirical (not theoretically 

derived) expression 

v = R 

in which v is the freiiuency. i? is a constant determined from 
the measurement of .several lines, and n is a whole numbei 
having the value 3 or greater (each line in Figure 4.3 has a 
different value of n). The frequencies of the hydrogen lines 
fitted those calculated by this equation very exactly. Tjie 
value of R (the Rydberg constant) was found to be 109,bi3. 
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The value of the constant is ^iven hei*e only to indicate how 
carefully the freciuencics were measured and how accurately' 
the Rydbei't*: ccjuation is known. 

The spectra of other atoms were examined for similar corre- 
lations but no simple relationships could be found. For ex- 
ample, the spectrum of the sodium atom, usino- a sodium arc 
as the li^ht source, was found to consist of not one series, as 
was the case with hydrogen, but four series; the sfiarp or s 
series, the j^rinripol or p series, the diffuse or d seri('s, and 
i\n^ fundanietital or/series. Howevei*, no on(‘ of tlu‘s(‘ series 
showed any simple relationship between its \ arious fre(iii('ncies 
as did the hydrog(‘n series. 

The Bohr Theory, In 11)13 it was generally acc(‘pled that 
the hydrogen atom consists of a j^rolon nuchnis with a chai'ge 
of -hi and one outside electron with a charge^ of -1. Physici-^ls 
tried to account for tlie hydrogen spectrum by caiculal ion, 
using the known laws of electricity, magnetism, and liu'chanics. 
All I'aih'd except Bohr. He found the solution to the problem 
of the hydrogen spectrum l)y introducing a concc'pl new in this 
held llie (luantum theory. Bohr reasoiHal somewhat as 
follows. One hydi-ogen atom emits only one (]uantum at a 
time, i he (luanta emitt(‘d by hydrogem atoms ha\'c‘ discreet 
i.e., very dedinite fre(iuenci(‘s ; hence, very definite (‘uergit's. 
dlie atom, on emitting a definite amount of energy, must 
also lose this same amount of energy. Therefore, the atom 
must be capable of j)ossessing definite potential (MHa’g\' states. 
In otlier words, the inti'rnal energy of the hydrogen atom must 
itself be (juantized. Fither the atom does or does not possess 
this (hdinite energy. There could be no way that the atom 
coukl possess internal energy between these definite states. It 
was a y('s-no, all-or-nothing proposition. This is what we mean 
\)y (luantization of energy in an atom or molecule. A whole 
number is assigned to represent the state of this (luantized 
energy m its various forms. The internal energy of an atom 

or molecuk' must correspond to assigned (iuantum numbers 

nevc'r to any intermediate values. 

By using the classical laws of electrostatic attraction and 
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of centrifugal force (for the electron revolving around the 
nucleus), and by quantizing the angular momentum (related 
to energy), Bohr calculated the energies of the hydrogen atom 
in its various quantized orbits. Then, assuming that when 
light was emitted the electron in the energy state (or orbit) 
Eo jumped to the energy state (or orbit) Ei (never in between), 
and that the energy of the quantum was equal to the difference 
in energy of the two states £'2 and Ei, 

El — E\ = hv 

he was able to calculate the value for the Rydberg constant. 
His calculated value came within one part in 100,000 of the 
experimentally determined value. Furthermore, he calculated 
a radius for the hydrogen atom (the electron orbit) which was 
of the right order of magnitude. Such correlation between 
theory and experiment could hardly be fortuitous. This work 
of Bohr brought about the acceptance of the quantum theory 
and was the beginning of our present detailed knowledge of 
the quantized structure of atoms and molecules. It was in 
fact the beginning of modern physics and chemistry. 

Orisrinallv, the various quantized orbits of the electron about 

^ ^ ^ 1 I • f 

the hydrogen nucleus were likened b}' many to the orbits 01 
the planets about the sun, but now we think of these orI)its 
as three-dimensional instead of planar orbits. We conceive 
them as shells. 

According to the Bohr theory each shell (or orbit) is char- 
acterized b 3 ^ a principal quantum number, designated as /?. 
The innermost orbit is characterized by n = 1, the next by 

n = 2, etc. 

Light of definite frequency is emitted by the process of the 
electron leaving an outer shell and appearing in an inner one. 
The different possible transitions are illustrated in Figure 4.4. 

The level, orbit, shell, or state, for which n = I, is the only 
stable level for the hydrogen atom — that one in which the 
electron roams at ordinaiy temperatures. It is only when the 
hydrogen atom undergoes a severe collision with another atom 
as in a hot star, with a very fast electron as in an electric arc, 
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Paschen Brackett 

Series Series 



no. 4.4 Tr ansitions imailvod in tlio linos of the dil’tVix’ni soii(*s of 

liydrojicn spectrum. 


the 


or ovcit with a stifhcicMitly imor^y (iuantuni, that its v\vc- 
ti'oii is knockod into ono of the hi«;her levels. Wlien the liy- 
(Iro^en atom is in one of the hij^her slu'lls oi’ hovels it is said to 
h(‘ excited. The orl)it for which n = 1 is the oidv real one. 
The other orbits or shells arc, in this case, known as virtual 
orbits or \'irlual sludls. But these \’irtual shells are those 
which become real shells for atoms containing many (d(‘ctrons. 
1 hus, the sodium atom has two electrons in the first oi- K 
shell for which tlie principal (juantum number is 1; (daht vice- 
Irons in i1k> second or L sliell for whicli = 2 (a rirlital shell for 
the hydrofren atom), and one electron in the third or .1/ shell 
foi which )i = (also virtiKtl in the case of the hydro}>;(Mi atom). 
1 he single electron in the third or outermost shell of a sodium 
atom cannot have a principal fiuantum number less than 3 
(since the two inner shells are filled), hut it may have principal 
<iuantum numbers greater than 3 when it is in the excited 
state as in a Hunsen flame or a sodium lamp. 

The Extension of the Bohr Theory. The simple theory 
of Bohr did not answer all the (luestions regarding the spec- 
trum of hydrogen. When the apparently siiifrle lines of hy- 
drogen are examined in a spectroscope of lush resohdns power 
It IS found that each line is not a single line hut conshsts of a 
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multiplet of several lines very close together. The problem 
then arose as to how to account for these multiple lines. 

To explain these multiplets, it was assumed that the elec- 
tronic orl^its are not necessarily circular (i.e., the cross sections 
of the sliells need not be circular). They could be in the form 
of ellipses. The Bohr theory was modified in such a manner 
that the momentum of the electron was quantized in two ways. 
One quantum number was assigned to represent the radial 
momentum (the momentum of increasing and decreasing the 
radius as it revolves in an ellipse) and the other, the angular 
momentum (related to the angular velocity). The principal 
quantum number, ??, was the sum of these subsidiary' quantum 
numbers. In the later development of the quantum theory 
that number which represented the angular part of the mo- 
mentum was designated as L 

One of the quantum theory rules is that the quantum num- 
ber I can have any value from zero to n —1. Thus, for the 
hydrogen atom in its lowest electronic state for which n = b 
I must be equal to zero. In the second state for which n = 2y 
the value of I can be either zero or one (minus values of I are 
excluded). The electrons for which I = 0 are called s electrons; 
for ^ = 1, p electrons; for Z = 2, d electrons; and for Z = 3, / 
electrons. The old notations used to describe the spectro- 
scopic series for the sodium atom were taken over to describe 
the different kinds of quantized electrons — the syunbols s, 
p, d, and / have only historic significance. The above rule is 
recapitulated in the following tabular form. 

Tahle 12 


Principal Quantum Possible I Quantum Numbers and 

Number Corresponding Designations of Electrons 
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The Exfens/on of the Bohr Theory 

To fully explain tlie splitting of spectral lines (or levels) when 
an emitting atom is in a magnetic field, two otlu'r (|uantum 
numl)ei’s were introduced: the magnetic cpuintum number m, 
and the spin quantum number s. 

Tlie magnetic quantum number can liave all values from 
+/ to 0 to -/“-another <iuantum tlu'orv rn\i\ Thus if / = 2 
(for a d electron) the magnetic ({uantum number can have 
values of +2, +1,0, -1, -2. 

The relationship between the (quantum number / and (ptaii- 
tum number rft is as follows. 


Tahlk 13 


Kelationsl 

lip hetweiai / and m 

Values of 1 

Possible X’alues of m 

0 

0 

1 

+ 1. 0, -1 

2 

+2, +1, 0, -1, -2 

3 

+3, +2, +1, 0. -1, -2, -3 


It will be observed that the total number of m values is eciuai 
to 21 + 1. 

The spin of the electron (another consideration) can be either 
+i -i- Tlie fraction rather than a whole numl)er, is 
used to give a consistency to the whole quantized system, 
further elaboration of the quantum numbers is beyond the 
scope of this elementary treatment. The positive and negative 
values for these (luantum numbers indicates an orientation of 
the orbit or of the electron either with or (ujainst the nunnietic 

field. 

llie (imuitum theory rules may seem to be in the form of 
arbitrary assumptions, invented to account for tlie known 
chemical facts. They were, in fact, derived matiiematically 
from very general assumptions and, in most cases, to account 
for spi'ctroscopic rather than chemical phenomena. Because 
of the mathematical complexities we are forced to omit the 
more fundamental derivations in this cour.se. We must, for 
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the present, therefore, accept the above rules on a ** rule-of- 
thumb” basis, recognizing, however, that they have firm 
foundation both in theorv and in fact. 

V 

Before we can go any further in applying the quantum theory 
to the structure of atoms, we must consider one very funda- 
mental rule, the Pauli Exclusion Principle. This principle 
states that in any given atom no two electrons can have 
identical quantum numbers — three of the four quantum num- 
bers may be alike but the fourth must differ. 

On the basis of the Pauli Exclusion Principle let us determine 
the maximum number of electrons that can exist in the second 
shell of an atom. For this shell n = 2. The quantum number 
/ can then have values of 1 or 0. First consider the electrons 
for which / = 0 (s electrons); m also equals 0. But the spin 
numl:)er can be -|-J and — J, so we find a maximum of 2 s elec- 
trons. Now consider how many electrons can have the value 
of / = 1 (p electrons). For this case m = -i-1, 0, and —1. Each 
electron which has a spin value of -l-J can have 3 values of yrij 
and each electron with a spin of — J can also have 3 m values. 
The total number of p electrons is therefore 6. We may 
recapitulate this in the following tabular form. In Table 14 
all combinations of the quantum numbers are accounted for. 


Table 14 


Quantum Numbers n 

1 

m 



2 

2 

0 

0 

0 

0 

1 

2 

2 s electrons 

2 

1 

1 

+i 


2 

1 

1 

1 

2 


2 

2 

1 

1 

0 

0 

+i 

1 

2 

G p electrons 

2 

1 

-1 

+i 


2 

1 

-1 

1 

2 

— 


In the same way it can be shown that the third shell can 
contain only 18 electrons as a maximum. This shell, for which 
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// = 3, contains all of the electrons described in TabU' 14 ftotal 
of S) j)lus 10 (/ electrons, with / 2, and m = 4-2, 4-1. 0, -1, 

and -2. 

Table lo, on the next pa»'e, ihe electroni{‘ configura- 

tions of all the eUanents. 

To the student I'caditui th(‘s(‘ rul(‘s for t h(' first iiin(\ tlan- 

% 

must seem vt'rv confusing-. However, to r('Ii(W(' tiiis confu>iou, 
let us review the <iuantum ruh's. 

(Ij When the clecti'on is in its innermost shell, // = 1 : in 
tlK‘ s('cond shell, // = 2: etc. 

(2j / can have any value betw<‘en zero and // - 1. (N(‘^ati\'(‘ 

\'alu('s ar(‘ not allowed.) 

(3) /r/j the maj>‘netic or th(' 3-dimensional luimlxa*, can ha\'e 

\'alues ranf>;in^ fi-om -4/ — ^ 0 — /. 

(4) s, the spin number, can Iia\'e \'ahu‘s of either 4-i or — ^V. 

(o) No two electrons in an atom can have all of the al>o\'e 

four (luantum nunil)ers alike. 

Now, read the last several pa^cs a^ain and <4»eck the state- 
ments in these pages with this summarv. 

% 

Hc'iicofort li in tlii.s text we shall not refer to the subsidiary 
(luantuin numbers to designate electrons in the ittoin. I'or 
the purposes of chemistry we need use only the principal 
([uantum nund)er tmd the kind of orbit, .s, /;, r/, f, (Uc., to (ie- 
sciibe the electron. I hits an electron (U'signated as ,3 d is in 
the third shell (// = 3) iind it occujties a d orbit (/ = 2). 

Instead of using the term ticclron orbitu we now desigmiti' 
the characteristics of an electron in an atom by the "term 
orbital. The orbital is not to be regarded as a definite path 
but rather as a term which describes the probability as to 
where or m what direction in space the electron spcmls its 
time, ihe geometrical conct'pt of the orbital is that of a shell 
of a gi\-('n thickness in which the electron travels. It spcaids 
mosi of its time in the center imrtion of this shell layer. 

1 he orbital may be likened to an eggshell, with the difference 
t lat the shell does not have a constant density, doing from 
llie outside to the inside of the shell-layer the density is at 

list very low (zero), then increases toward the center, and 
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Table 15 

Electron Configurations of, the Elements* 



• The electronic assignments for elements S9 to 98 are very tentative. 
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then drops off again to zero on the inside. The electron spends 
its greatest amount of time where the density is greatest. Thus, 
we do not picture the neon atom as that given in Figure 4.5 
but rather as that given previously in Figure 3. 11 A. 

Directions of Atomic Orbitals, There is only one kind 
of s orbital (since I = 0 and m = 0). One pair of s electrons 

occupies an orbital which is a spher- 
ical shell about the nucleus. How- 
ever, there are three sets of p orbitals 
{m = +1, 0, —1). Calculations indi- 
cate that the axes of these orbitals 
(with the nucleus at the crossing 
point) are at right angles to each 
other. The three types of p orbitals 
are therefore sometimes designated 

FIG. 4.5 The obsolete con- as px, Pvi and p^. As would be ex- 
cept of the neon atom {see pected from the magnetic quantum 

Fig. 3.11A) numbers (+2, +1, 0, -1, -2) there 

are 5 kinds of d orbitals. These have been calculated to he 

along the edges of a 5-sided pyramid. 

The directions of the different kinds of orbitals determine to 
a large extent the directions of the chemical bonds. When the 
electrons of one atom are paired with the electrons of other 
atoms, the positions of the atoms with respect to each other 
are heavdlj" influenced by the orbital directions of the com- 
ponent atoms. 

The Combination of Orbitals to Form Electron Pairs. 

While Table 15 indicates the number of different kinds of 
orbitals in each shell, it does not indicate which of these are 
unpaired. As the result of spectroscopic investigations, the 
number of such unpaired electrons can be determined. For 
example. Table 15 indicates for the carbon atom two Is elec- 
trons, two 2s electrons, and two 2p electrons. Actually the 
2p electrons are unpaired. We may then designate this struc- 
ture in more detail by Is-, 2s-, 2pl, 2pl — the superscripts tn 
this description indicate the number of electrons of that partic- 

ular kind. 
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There is a general principle (another (plant iini ruk'J which 
states tliat electrons in any given shell do not pair (to luai- 
tralize their spins) until they are forced to hy tlie Pauli Kx- 
clusion Principle. For example, the detailed structure of the 
nitrogen atom is Is- 2s- 2p^ 2pl 2pl and for oxygen Is- 2s- 2/;^ 
2pi 2pl,* (Tlie superscripts indicate the number of electrons 
in that particular state - thus 2s- indicates two 2s electrons.) 
There are only 3 magnetic (piaiitum numbers available for a /> 
orbital (-h 1, 0, — 1) so tlu^ fourth p electron in ox\'g(m must 
pair with another; hence two 2pj. electrons. 

d he two unpaired p electrons in oxygen will (‘oupl(' or jiair 
with an unpaired electron of another atom — f/ic ralc/irr of 
oxijgen is two. 

When the oxygen atom forms water with two hvdrogen 
atoms, the two unpaired p electrons of the oxygen atoms ])air 
with the single s electrons of the hydrogen atoms. Siii(*e the p 
orbitals are at right angles to each other we might expect the 
bond angles in water to be 90"* apart. Actually the bond angle 
in water is 10.*)°. 

This difference between the measured 105° and the expected 

90^ is due to the electrostatic repulsion of the two hydrogen 

atoms for each other. We have previously indicated tliat tiie 

HjO molecule is polar. The hydrogen atoms are tlierefore not 

s(*reened or neutralized completely and are positively charged. 

These positive cliarg(?s repel each other and spread the bonding 
angle. 

likewise, we should expect the three l)onding angles in 

to be at right angles to each other but again the electrostatic 

repulsion spreads these angles to 10S°. The bond angles of 

the XHa molecule therefore are in the sliape of a tetrahedron 
or three-sided pyramid. 

From the configuration of the carbon atom (Is- 2s- 2pl 2p^) 
we might expect (‘arbon to be bivalent with only the p electrons 
forming bonds. Such is tlu* (*ase with CX). However, the 
tetravalent character of (‘arl)on is explained by the fact that 

the suporscTipt one (1) to repie^sent one eleelron in u given state is usuallv 
nrnitted. 'Fiius 2p[, Ls equivalent to 2y>.. 
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the pairing of the s electrons becomes very much weakened 
after the p electrons have bonded (in the process of chemical 
reaction). The s electrons then on further reaction become 
unpaired and are promoted to bonding electrons. Resonance 
takes place between all of the electrons in the second shell, and 
all become identical. The carbon bonding axes are tetrahedral 
in shape. These bonds are hybrids between the 2s and 2p 
orbitals of the carbon atom, just as the mule is a hybrid between 
the horse and the donkey. All four bonds become alike — 
mules. 

Quantized Vibration and Rotation. All molecules in 
the gaseous state undergo both vibration and rotation. The 
vibrational motion is along the axis between two atoms. Like 
the electronic energy this vibrational energy is quantized. 
When the vibrational energy becomes great enough the bond 
breaks and the molecule dissociates. 

The rotational energy can be resolved about three axes. 
This energy is also quantized. Three axes require three quan- 
tum numbers. 

The vibrational and rotational energies are small as com- 
pared with electronic energies and hence play no part in the 
determination of bonding and structure of molecules. 

Questions 

1. What is meant by black body radiation? 

2. For what purpose was the quantum theory first proposed? 

3. What predictions did Einstein make which, when verified by ex- 
periment, gave support to the quantum theory? 

4. The equation representing the Lyman Series is 



where n is greater than lOK. That for the Balmer Series is 

'-"(f.-ji) 

where 7 i is greater than 2. What is the equation which represents 
the Paschen Series? (See Figure 4.4.) 


Quesf/ons 
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5. Using the Pauli Exclusion Principle, satisfy 
maximum number of electrons that can be 
which ti = 4, is 32. 

6. How many unpaired electrons are there in ( 
(b) the phosphorous atom? 

7. Why are the bonding angles between the H 
molecule 105° rather than the expected 0()° ' 


/ yourself that the 
in the .V shell, for 

a) the sili(‘on atom, 

atoms in the water 


CHAPTER 

5 


Oxidation and Reduction 


All chemical reactions may be classified into two t3^pes: 
those which involve oxidation and reduction and those whicli 
do not. The reactions of the latter type consist of exchanges 
of atoms or groups of atoms without any change in the valence 
states of any of the reactants or, in terms of the electronic con- 
cept of matter, without any transfer of electrons. Familiar 
examples of reactions in water solution which do not involve 
any change in the valence state are ; 


Ag+ + Cl- = AgCl (solid) ( 1 ) 

Ba++ 4 - SO4— = BaSO^Csolid) (2) 

SO3-- + 2 H+ = SO2 -f- H2O ( 3 ) 

Cu++ + H2S ^ CuS(solid) 4- 2H+ ( 4 ) 


In each of these reactions the valence states of the atoms or 
groups comprising the products are the same as those of the 
reactants. The equations representing these reactions are 
relatively simple as compared with those of the oxidation- 
reduction t3"pe. 

Since we shall encounter oxidation-reduction equations so 
often in our later work it is essential that we have a clear under- 
standing of this t3^pe of reaction at the outset. We must be 
certain that we fully understand the balancing of oxidation- 
reduction equations to the extent that the balancing of an3" 
equation whatsoever will never baffle us. Once the principles 

of equation balancing are mastered there will never be an3" 
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need to remember any equation in all its details. We sliall, 
also, in this chapter introduce the concept of rah^nce tutttiher^ 
sometimes known as oxidation number^ a direct conse- 
quence of our previous discussion. 


Balancing of Oxidation-Reduction Equations 

To understand clearl\' oxidation-reduction process(‘s it is 
essential to obtain a thorou<>;h workinj^ knowledge of a sys- 
tematic scheme for balancing; e(iuations. 

As an example of an oxidation-reduction reaction we shall 
clioose the reaction of ferrous ion with chlorine in water solu- 
t ioii. 


2Fe^- -f ('1, = 2Fe + ^- + 2C1-* 


(o) 


It is apparent that the condition of the iron and of tlie chlorine 
in the reactants is entirely tlifferent from that in the products. 
In the naictants the ferrous ion carries two positive charges 
while in the product the ferric ion bears lliree i)ositive charges. 
Likewise, molecular chlorine is a reactant but the only product 
containing' chlorine is tlu* chloride ion. Both reactants iiave 
chaiif^ed their valence states. In the course of the reaction the 
iron becomes more positive and the chlorine more negative. 
The valence number of the iron in ecpiation (o) changes from 
+2 to +3, whereas that of the chlorine (*hanges from 0 to —1. 
Thus, the ferrous ion loses one electron in the reaction while 
the chlorine atom gains one electron (the chlorine molecule 
accoidingly gains two electrons). 8ubstances which lose elec- 
trons are reducing agents^ while those which gain electrons 
are known as oxidizing agents. The oxidizing agent oxidizes 
the reducing agent and the reducing agent reduces the oxidizing 
agent. In the reaction und(*r discussion the ferrous ion is the 
reducing agent and it is oxidized to the ferric ion sin(‘e it loses 
an electron. On the other hand, the chlorine in the zero state 

Iti writiiit^ (‘(lUixtums lor o\iiiatioii-ic<Iu(-tioii roactioiis wt* siiull foiitinue 

to omit tliosc suhstaiict's wiiicli do not {-ontrilmto in any way to tlic pro^ross of 

reaction. lor (‘xainjilc. in (ajuation (5). if a solution of fiMTous sulfate wcic 

U.c reactant cini>!oycd. we would omit th(^ .sulfate ion (80r“) from both sides 
ol the eijuation. 
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is the oxidizing agent and it is reduced to the chloride ion since 
it gains an electron. Every oxidation process is simultaneously 
accompanied by a reduction process; the two processes are 
associated with each other and cannot act independently. 
The total number of electrons gained by an oxidizing agent in 
a given reaction must equal the total number of electrons lost by 
the corresponding reducing agent. It is through this concept 
that we shall balance equations of the oxidation-reduction type. 

The Valence Number. Before we balance equation (5) on 
the basis indicated above let us consider parenthetically what 
is meant by a change in valence state or valence number. In 
some cases the valence number of an atom in a molecule is 
equal to the charge that the atom will acquire when the mole- 
cule dissociates in water to produce ions. Thus, the valence 
number of iron in ferrous chloride is -1-2, the same as the charge 
on the ferrous ion (Fe'^'*‘) in solution. In other cases, however, 
the valence number of an atom in a molecule is assigned in a 
more arbitrary manner; its value does not correspond to the 
charge on any known ion of that element. The valence num- 
ber of carbon in methane (CH 4 ) is —4. A carbon ion with four 
negative charges is not known. In assigning a valence of -4 
to carbon in methane, we have quite arbitrarily assumed a 
valence number of -hi for hydrogen. Acids dissociate to give 
the hydrogen ion, H+, which bears a -hi charge. Likewise, 
water to a smaller extent dissociates to give hydrogen ions as 
one of the products. Methane, to the best of our knowledge, 
does not dissociate in solution to give hydrogen ions, yet in con- 


sidering the valence number of the molecule we recall the con- 
cept that hydrogen atoms have a tendency to lose one elec- 
tron and produce hydrogen ions. To be consistent we therefore 
assign a -hi valence number to hydrogen in methane. In fact, 


in all compounds containing h^'drogen this same valence num- 
ber for the hydrogen atom is arbitrarily assumed and the 
valence numbers of other atoms are assigned accordingly. 


* An exception to this statement is found in the case of the hydrogen 
pounds (hydrides) of the strongly electropositive elements such as LiH, NaH, 
CaHa, etc. In these compounds the valence number is evidently —1. 


The Valence Number 
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The valence number of the oxygen atom in the water mole- 
cule is —2 and since the state of oxidation of tlie oxygen atom 
in water is the same as it is in oxides, it is assumed that the 
valence number of oxygen in all oxygen compounds, with the 
exception of the peroxides, is —2. In hydrogen peroxide, as 
well as in all peroxides, each oxygen atom must have a valence 
number of —1 if the valence number of each hydrogen atom 
is to be retained as +1. 


In assigning the valence numl)er of any atom, the onl\' prin- 
ciple to be observed is that the algebraic sum of the valence 
numbers of all atoms in tlu' molecule under consideration must 
equal zero in the case of neutral molecules, or must have the 
same value as the charge in the case of an ion. The following 
examples will serve to illustrate this point. 


Substance 

.1 toms 

I’a/r/ice Xumhcj' 
per Atom 

Total 

Charge 

Water 

2 hydrogen 

+ 1 

+2 


1 oxygen 

—2 

Xet charge 0 

Sulfuric Acid 

2 liydrogen 

+ 1 



4 oxygen 

_2 

-8 


1 sulfur 

+() 

±i* 

Xet charge 0 

Ammonium ion 

4 hydrogen 

+ 1 

+4 

(Xiirj 

1 nitr()g(*n 

-3 

-3 

X’et (‘harge -|-i 


In the last case the net charge of -f-1 is the same as the charge 
on the ion. 

In some cases there may be two atoms of the same element 
but in different valence states in one and the same molecule. 
For the purpose of balancing equations, either the algebraic 
sum or the average valence number is used. For example, 
consider the valence state of carbon in ethyl chloride, 

II H 

I I 

H— C— C’l 


H il 
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From the structural formula it is apparent that one carbon 
atom has a valence number of -3 and the other carbon atom 
a valence number of -1. The sum of the valence numbers of 
these two carbon atoms is -4. This result could also be de- 
termined from the empirical formula, C2H5CI. The algebraic 
sum of the valence numbers of all the atoms must equal zero. 
Thus, five hydrogen atoms give +5; one chlorine atom, - 1; 
and the two carbon atoms must give -4 to give an algebraic 
sum equal to zero. Obviously the average valence number of 
the carbon atoms is -2 and for purposes of balancing equa- 
tions this value should be used. 

Atoms in the elementary state have a valence number of 
zero. Thus elementary copper, zinc, sodium, chlorine, hy- 
drogen, oxygen, etc., possess atoms which as such function in 
reactions with a valence number of zero. In order that an 
atom have a positive or a negative valence number the atom 
must be in the form of an ion or in molecular combination. 

Returning to the example of the oxidation of ferrous ion by 
chlorine, we may balance the equation on the basis of an 
equality in the number of electrons lost and gained. Writing 
the unbalanced equation 

Fe++ + CI 2 = Fe+++ -F Cl" (<5) 

we see that when one ferrous ion changes to a ferric ion the 
process involves a loss of one electron, and when one chlorine 
atom in the zero valence state changes to a chloride ion, the 
process involves the gain of one electron. From an electronic 
standpoint the equation would be balanced if chlorine existed 
as a single atom and not as CI 2 , but since we know that elemen- 
tary chlorine under ordinary conditions of temperature exists 
in the molecular form, as two atoms to the molecule, we must 
maintain it in this condition in our equation. The two chlorine 
atoms are held together in the molecule through a sharing of 
electrons, in other words, as a non-polar binding. This condi- 
tion places each chlorine atom in the zero state of \’alence. 
Since two atoms of chlorine would necessarily gain a total of 
two electrons, and since one ferrous ion loses only one elec- 
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tron, equation (G) is not l)alanec(L It may be balanced elec- 
tronically, as illustrated in the following equation in which 
the change in valence numl)ers is indicated. 


+2 

Fe+^- 


+ 


0 

Cl> 


+3 


+ 


-1 

ci- 


(7) 


2 X 1 c lost 

1 

• 


2 c- gained per molecule 


For an electronic balance the gain of two electrons by the 
two chlorine atoms of the chlorine molecule must be equale<l 
by a loss of two electrons ])y the ferrous ion. The latter process 
recpiires two ferrous ions. In this particular case the complete 
balancing is relatively simple since no other substances are 
involved in the reaction aside from the oxidizing and reducing 
agents and their products. Thus, the completely balanced 
equation is 

2Fe+-^ + Cb = 2Fe--^+ + 201“ (8) 

In the following sections we shall present examples to illus- 
trate the completion of more complicated equations after they 
have been balanced from the electronic standpoint only. 

Oxidation and Reduction in Acid Solution, Manv 

% 

oxidation-reduction reactions take place with the production 
or consumption of hydrogen ions and these ions must there- 
fore be included in the balanced eciuation. Among those sub- 
stances which act as oxi<lizing agents in acid solution are in- 
cluded permanganate ion, Mn 04 ", dichromate ion, Cr 207 ~“, 
and nitrate ion, NO^”- In the process of oxidation and reduc- 
tion some or all of the ox^’gen atoms in these ions react with 
hydrogen ions to produce water. Thus chloride ion is oxidized 
by permanganate ion in acid solution to give the products 
shown in the following ecpiation: 

+7 -1 +2 0 

MnOr + Cl- + = Mn++ + Cb + H 2 O (9) 

The procedure is, (1) assign valence numbers, (2) balance 
the ecpiation electronically, and (3) make a complete balance. 
It is evident that the Mn 04 - ion is the oxidizing agent and 
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the Cl“ ion the reducing agent; the Mn04“ ion is reduced and 
the Cl“ ion is oxidized. The valence number of the manganese 
atom in the ]Mn04“ ion is + 7 , while in the Mn"*“^ ion it is + 2 . 
Evidently a change has taken place which involves a gain of 
five electrons by the Mn04“ ion since the valence number of 
the oxygen is not changed in this reaction. Chloride ion, 
valence number —1, changes to free chlorine of zero valence 
number, which process can be accounted for only by a loss of 
one electron per Cl" ion. The change in the electrons may 
now be represented as 

+ 7-1 +2 0 

Mn04- + Cl- + H+ - Mn++ + Cb + H2O ( 10 ) 


5 e gained 




1 e" lost 


For an electronic balance the same number of electrons 
must be taken up by the oxidizing agent as is given up by the 
reducing agent. Therefore five Cl" ions are required for each 
Mn04" ion to produce an exchange of five electrons, and 
therefore 

. Mn04- + 5 C 1 - + ?H+ = Mn++ + fCb + ?H20 (H) 

Multiplying both sides of the equation by 2 to remove the 
fraction f , the equation becomes 

2Mn04- + lOCl" + ?H+ = 2 Mn++ + SCb + ?H20 ( 12 ) 

A balance of the hydrogen and oxygen atoms is still lacking. 
However, it will be observed that all of the oxygen of the 
oxidizing agent through combination with hydrogen ions is 
converted into water. Since two molecules of permanganate 
ion contain eight oxygen atoms, eight molecules of water must 
be formed. In turn, eight molecules of water require sixteen 
hydrogen ions and the equation is finally ^^Titten 

2Mn04- + lOCl" + 16 H+ = 2Mn-*-+ + fiCb + 8H2O ( 13 ) 

When the permanganate ion acts as an oxidizing agent in acid 
solution the manganese is always reduced to the manganous 

ion, Mn"^"*". 
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Another very satisfactory method for completing the bal- 
ancing of the equation, after the oxidation-reduction part has 
been taken care of, is one involving a balance of the ion 
charges (not necessarily valence numbers) on both sides of 
the equation. Beginning with eciuation (12) the coefficients 
for the hydrogen ions and water molecules may be determined 
as follows: On the right side of the etjuation the only charged 
particles are the two Mn^^ ions. The total ionic charge on the 
right is therefore +4. The algebraic* sum of the charges on 
the left side must also i)e +4. Neglecting the ion for the 
moment, which is not balanced, the total charge on the l(‘ft 
side is found to be -12, (2Mn()^“ + lOC’l ). Sixteen H"" ions 
yre necessary to make the algebraic sum -f4, (- 2 — 10 -h 16 
*=4-4). Tlie sixteen ions produce eight molecules of 
water. As a final clieck on the metliod the numl)er of oxygen 
atoms on both sides of llie ecpiation must be the same, which 
iS the case for the finally balanced equation (13). This method 
of final balance is often simpler than the alternative metliod 
previously given. 

.\nother strong oxidizing ion in acid solution is tlie di- 
<*liromate ion, CrsOj"”, which in this medium is always re- 
duced to the chromic ion, Cr-^^^. Thus, iodide ion is oxidized 
by Cr^Or"" to I2: 


2x(4-6) -1 2x(4-3) 0 

<>20: + I- 4- = 2Cr-^++ + I2 + H^O 

1 


1 

! 6 gained 

1 



1 e lost per atom 



Ihe valence number of the chromium atom in the Or^Oy'” 
ion is 4-6, but since tliere are two chromium atoms per ion 
the total charge is 4-12. Wlien one Cr^zOr~ ion is reduced to 
two ions there is a gain of six electrons, three electrons 

for each diromium atom, whereas one ion loses one electron 
in the oxidation to an iodine atom in the iodine molecule. For 
an electronic balance it is evident that six 1“ ions are required 
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to take care of the gain of six electrons by the chromium atoms 
of the Cr207"~ ion; thus 

CrsOy— + 61- + ?H+ = 2Cr+++ + 3I2 + ?H20 (15) 

The equation is how balanced electronicalI3^ Making the 
final balance b^' means of the ionic charge method we find 
a charge of +6 on the right side of the equation due to the 
two Cr++“‘“ ions, and a charge of —8 on the left side (Cr207 
+ 6I“). To make the algebraic sum of the charges on the left 
equal that on the right, namely" +6, it is necessary to add a 
charge of +14 to the left side. This is accomplished by using 
fourteen ions which form seven molecules of water. The 
final completely' balanced equation is therefore 

Cr207-“ + 61- + 14H+ = 2Cr+++ + Sis + 7H2O (16) 

The correctness of the balance is checked by the presence of 
seven oxy’^gen atoms on each side of the equation. 

The alternative method of making the final balance (be- 
ginning with equation 15) is somewhat simpler. The seven 
oxy^gen atoms on the left are completely converted into water. 
It is evident that in order for this to take place fourteen 
ions must be furnished and seven molecules of water will be 
formed. 

Oxidation-reduction equations can be balanced without the 
introduction of the concept of electron change. When this is 
done one merely^ takes into account the positive or negative 
change in valence number. For example, in equation (14) the 
valence number of the chromium atoms in the CrsOz"" ion 
changes from +12 to +6, a net change of —6, in the process 
of conversion to two Cr"'"*"'^ ions. The valence number of 
each I” ion changes from —1 to zero, a net change of +1, in 
going to free iodine. To make the net positive charge equal 
the net negative charge six 1“ ions are necessary. 

We shall now^ consider an example of the balancing of an 
oxidation-reduction equation in w’hich the reducing agent con- 
tains more than one kind of atom undergoing change in valence 
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number. For this purpose let us ehoose the reactio?i of arsenous 
sulfide with nitric acid in which there is produced arsenic acid, 
free sulfur, and nitric oxide. 


2x(+3)+3x(-2) 

*a.s->S 3 “i" 

10 c~ lost 


-fo 2x(+r)) 0 

X 03“ + H ^ - 2H As03 + F XO + H,0 
(2x2) + (3x2) ! 


3 c ‘raiiual 


(17) 


The valence number of the arscmic atom in AsoSg is +3 and 
the valence number of the sulfur in this luolecuh' is -2. Jh)tii 
the arsenic and the sulfur chan^x^ \’al(aic(‘ nuinix'r and tlu^ 
total change foi' each As^>S 3 inoieeuk* is +10 as indi('al(al in 
the above eciuation. On the other hand, each XO.-r ion o-ains 
three electrons in its conversion to nitric oxide. Thus pai 
XO:r ions and three molecules of AsoS.^ are ne(*essarv to j)ro- 
duce the same loss as j>;ain in electrons (namely 30). 

3As,S 3 + ioxo.r + nv = ohasO.* + os + loxo + ?ii,o (is) 

Halanciiifr etiuation (IS) by the ion charge nuuhod, we find 

z(*ro charge on tlie ri^+t side of the eciuation and a charge* of 

-10 on the left (omiltin<>; the H’ ion). Accordingly, ten 

ions are necessary to produce a mU ionic charj^e on tiie kdt 

eiiual to zero. Tliis amount of H' ion i)roduces two molecules 

of water since six ions are retiuired for the production of 

six molecules of HAsOg and the finally balamaal eejuation 
i)ecomes 

3As2S;j + lOXOa" + 10H+ = fillAsO^ + 9S + lOXO + 2ITO (19) 

Clieckin^ the balancing by the oxyo;en atom count we find 

thirty (jx\'j>'(‘n atoms on c*ach side of the (‘(jualion. 

Oxidalian nnd liediicUan in tlkaline Solution. As 

an example we sliail choose the oxidation of chromite ion, 

Fifb , by hypochlorite ion, C'K)', in the presence of hydroxide 

ion, OH-. The unbalaii(*ed eciuation with the valence num- 
bers indicated is 
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+3 +1 +6 —1 

CrOo- + CIO- -i- OH- = Cr 04 -“ + 01“ -f- H 2 O (20) 


2x3 e lost 




3x2 e gained 


and the electronic balance is 


2Cr02- + 3C10- + ?OH- = 2Cr04— -b 301“ + ?H20 (21) 

Since the algebraic sum of the charges on the ions on the right 
side of the equation is — 7 and that on the left (leaving the 
OH“ out of consideration for the present) is — 5, it is evident 
that two OH" ions are required on the left. One molecule of 
water is formed and the balanced equation is 

2Cr02- + 3C10- + 20H- = 2Cr04— + 3C1- -f- H 2 O (22) 

Oxidation-reduction reactions in acid solution often take 
place with the production (not consumption) of hydrogen 
ions. In such cases appears on the right side of the equa- 

tion. The same is true in alkaline solutions except that here 
we are concerned with OH" rather than H+ ions. 


Complete and balance the following equations. 

(The column on the right indicates the t^'pe of solution in which 
the reaction takes place. H+ or OH“ may appear on either side of 
the equation and when neither is necessary the solution is designated 


as neutral.”) 

Reaction Solution 

1. MnOr + Fe++ = jMn++ + Fe+++ H- 

2. Mn 04 - -f Sn++ = Sn++-^ + Mn++- 

3. Cr 207 — + Fe++ = Fe+-^+ -f Cr+++ 

4 . CV2O7 — + Sn+-^ = Sn++++ + Cr-^++ 

5. CrO.,-' + HSnOs- = HSnOr + CrOs” OH" 

6 . PI 2 S + I 2 = S + I- 

7. S2O3 — + I2 = S4O6 — -f I- ‘'neutral” 

8 . NO 3 - + Cu = Cu++ -f XO 

9. SO 4 — + Cu = Cu+-" + SO 2 

10. NO 3 - + Zn = Zn + XH 4 + 
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XII 


R( action 

lh^i\ + = Fe"- + S( >4 — 

(’r(K- + CIO- = (3- + CrOr- 
AIn ()4 “h IFC 2 O 4 = C( )-j 

IIo^^O.T + I 2 = J>()4 1" 1~ 

c>().. + ('1- = + CI 2 

Il 3 As ()4 + I" = HsAsOa + I 2 

( ) > -j- II-jO “h I— = 1-2 
CH- 2 () + Af^l) = Ag+ IKXF- 
(’IFO + AgfXiC).- = Ag + IIC().>- + XI 
XOg- + ('ll = C'lr " + X ().2 
XO; — + Ag = Ag’ + X ()-2 
XOs" + Ag = Ag’- 4- XO 
XO;,- + Fe"^ = + XO 

X 0 . 3 “ -f Zn = + X -2 

+ II 2 S = S + XO ‘2 
BiiOo + ('l- = Cl, + I^a— 

Mn 04 - + Hr- = Hr. + MnO. 

SO4 -|- J- = I2 -f IFS 

('u*^ + 1 “ = lo + C’u* 

CIO- + Mn(On )2 = MnO. + Cl- 

('!■> = ('103- + (']- 

+ IIoS = Fe-^- + S 
A’ 0 :{- + F(‘ = Fo*"" + XO 

(’lo- - cior + CA- 

Pl)0->+ Hh + SO4— = P1)S04 
(’X- + MnO,-- = (’XO- -g MnO. 

('X- + Fe(CX)o = ('XO- + Fo(CX)c 

(’sHiO + XO 3 - = XO -f- (’.ICO, 

XO 3 - + (’!- = XO('l + Cl, 

('ciPiOCl + ('ivO; — = ('r-"* + (’0-2 + Cl 

('IK'U + Mn04- = ('I. + CO; + 

l'<‘;i 04 + Mn 04 “ = Fo^ 


SiiS 


SnS;}- “ 


AS 2 S 3 + S. = 

('u - + ('X- = 
Hg-'Cl 2 + XII 3 ^ 
Ak+ + As 1I3 = 

( I'( )■>— + 1 1202 = 
+ II-.O. = 


AsSi 


' I O 


+ S 


= Cu(('X')3--+ (CX), 

= IlgfXII.id + IIg+ XII4 
Ag + II3A8O3 
= ('r 04 -- 


+ CI- 


Sohidtni 

IF 

OH- 

IO 

IF 

IF 

IF 

OH- 

OII- 

OH- 

IF 

IF 

IF 

IF 

IF 

IF 

IF 

IF 

IF 

“ lunitral ” 
‘‘ iiouf ral ’’ 
OH- 
11 - 
IF 

^OieutraP^ 

OII- 

OH- 

IF 

IF 

IF 

I-F 

IF 

“neutral ” 
“neutral ” 
“neutral" 
“neutral" 
IF 
OIF 



CHAPTER 

6 


Reaction Velocity and Chemical 

Equilibrium 


In this chapter we shall be concerned with the problem of 
determining the extent to which chemical reactions take place 
and with the wa 3 's and means that are emplo^^ed to control 
reactions and have them proceed as advantageously as possible. 
The problem can be stated more concretely b^-- considering 
some specific example. For this purpose we shall choose 
the reaction 

N 2 + 3 H 2 = 2 NH 3 (1) 

In which direction does this reaction proceed at some speci- 
fied temperature and pressure? At 1000° C and at a total 
pressure of one atmosphere, for example, will nitrogen react 
with h.vdrogen to form ammonia or will ammonia at this same 
temperature and pressure decompose into its constituent 
elements? From the results of experiment we know that at 
this temperature and pressure ammonia decomposes to a very 
large extent (practically^ completehO into nitrogen and hy'dro- 
gen. Therefore, at one atmosphere pressure and at 1000° C 
nitrogen and hy^drogen cannot combine appreciably' to form 
ammonia. 

At 450° C and one atmosphere pressure about 99.7 percent of 
the ammonia decomposes but in the absence of a cataly'st it 

is necessary^ to wait a very' long time before the reaction 
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reaches tliis point. Once this amount of decomposition has 
taken place, the reaction will proceed no further. This is the 
limit beyond which the reaction will not ^o. At 25^0 it can 
be shown that only about 3 percent of tiie ammonia should 
decompose if the reaction proceeded rapidly enou^;!!. Xo 
means are known to the chemist of increasino’ the velocity of 
this reaction sufficiently to observe any change under these 
extreme conditions. 

The limit to which any reaction (‘an j>roceed is one of the 
important factors in determining its course*. Bui it is ap- 
parent that there is another important factor controlling it, 
that of speed. These two factors, limit and speed, are some- 
times confused wlien the “reactivitv'" of anv substance* or 

« « 

group of substances is considered. Rea(*livitv usuallv refers 
to the velocity, or ^^peed. 

If only 3 percent of ammonia at 25° C and at one atmosphere, 
pre.ssure can decompose, then, conversely, hydro<ren and nitro- 
f;;en should eoml)ine at this same temperature and i)ressure to 
form ammorua, hut this reaction also is not a feasil)le one he- 
eau.se of its slow speed. Xitroseu is said to he nonreaetive 
toward hydrof^en in spite of the favorable limit of the reaction. 

The subject of chemical e(iuilibrium deals only with the 
limit or e.xtent to which a reaction can take place. But a 
< leal undei st anding of this subject demands a clear coneejit of 
reaction velocity and the factors which control it. 

The Farlars Controlling the Speed of a Reaction. 
Before two or more molecules can react they must collide with 
each other. But not every collision between reactiiift molecules 
is elective. In a vessel containiiifr a mixture of hydrogen and 
oxygen at room temperature, billions of collisions occur each 
second between the molecules, yet no reaction occurs. Only 
those collisions which allow the molecules to penetrate deeplv 
into each other re.sult in reaction. This means that only cob 
lisions between fast moving molecules or between molecules 
having large energies with respect to each other will be elTec- 
tive. At room temperature there are not enough effective 
collisions between hydrogen and oxygen molecules to cause an 
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appreciable number to react. How can the number of effective 
collisions be increased? 

Effect of Temperature. From our knowledge of the kinetic 
theory of gases and our concept of temperature, it is easy to 
predict that an increase in the temperature of the reactants 
will increase the speed of the reaction. By increasing the 


temperature the velocity of the molecules is increased. Con- 
sequently, at a higher temperature there are more effective 
collisions, and the number of such collisions increases very 
rapidly as the temperature is raised. Suppose, for example, 
that each effective collision must involve molecules which 


have fifty times as much energy with respect to each other 
as the average energy. In such a case one in every 10^^ * 


collisions, as calculated from quantitative kinetic theory con- 
siderations, would be effective at 25° C. At 100° C there 
would be one effective collision in every 10‘h an increase of one 


hundred-thousand-fold in the number of effective collisions. 


While the average energy of the molecules does not increase 
very rapidly as the temperature is increased, the number of 
collisions involving large energies does. In the case just con- 
sidered, we assumed that an effective collision required fifty 
times the average molecular energy. If the effective collision 
required only twenty times the average energy, then at 25° C 
one in every 10® collisions would be effective and at 100° C one 
in about every lOh This time the number of effective collisions 
increases only one hundred times in going from 25° C to 100° C. 

For a large proportion of all reactions the speed approxi- 
mately doubles for every 10° rise in temperature. The process 
of cooking food involves chemical reactions. Most of these 
reactions proceed at about 100° C, the boiling point of water, 
but the cooking process can be hastened by the use of pressure 
cookers since, bj' not allowing the steam to escape, the tem- 
perature of the water can be increased beyond 100° C. When 
the vapor pressure of the water in the cooker is 25 lbs. per 
square inch in excess of that of the atmosphere, the temperature 
of the water is about 130° C. If the increase in the cooking 



Effect of Concentration 


103 


speed doubles for even' 10° rise, the speed at 130° C should 
be about ei^ht times (2x2x2) that at 100° C. Conversely, 
when the eookin^ is done at hij^h altitudes in open vessels, the 
speed of the cooking reaction is decreased, for at decreased 
atmospheric pressure water boils at a lower temperature. 

When hydrogen and oxygen are heated to .500° C the re- 
action to form steam proceeds at a measurable rate. For this 
reaction the velocitv more than doubles with everv 10° rise 

V * 

in temperature, and at room temperature its rate is millions 
of millions of times slower. The eombination of hydrogen 
with oxygen liberates a large amount of heat. If heat is 
generated faster than it can be removed, the reacting substances 
•ire raised to still higher temperatures and the reaction is further 
accelerated. This acceleration may take place in a fraction of 
a second and give rise to an explosion. 

The burning of fuel such as wood al.so evolves heat. In 
this case the reaction does not get out of control but the heat 
evolved is sufficient to keep the burning material and the air 
above the kindling temperature. This reaction is a self- 
sustaining one, as are many of the reactions which evolve heat. 
When heat is absorbed by the reaction, the reaction cannot 

be .self-sustaining. In this case heat must be .supplied to the 
reactants. 

Reactions involving ions, such as the neutralization of a 

strong acid by a strong base (.see equation 10, Chapter 1), 

proceed very rapidly. For such reactions the ions have an 

attraction for each other and no excess energy is required for 

contact clo.se enough to give rise to a reaction. Every collision 

or practically every colli.sion between the ions is an effective 
one. 

KJJecl of Concentration. By increasing the concentration 
of all or any of the reacting .substances, the velocity of a re- 
action increases. With increased concentration any one mole- 
cule has a greater chance of colliding with another with which 
it may react. Hydrogen does not react as rapidly with air 
which is one-fifth oxygen as it does with pure oxvgen. Also, 
a mixture of hydrogen and oxygen at very low pressures reacts 
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more slowly than at high pressures. In fact, a mixture of 
hydrogen and oxygen does not explode when ignited if the 
total pressure of the mixture is sufficiently low. In any reac- 
tion taking place between two reactants, doubling the concen- 
tration of any one reactant doubles the number of total 
collisions and also doubles the number of effective collisions. 
Doubling the concentration of both reactants quadruples the 
number of collisions. 

The reaction between gaseous iodine and hydrogen to form 
gaseous hydrogen iodide may be considered as an example to 
illustrate the effect of concentration on the speed of the re- 
action. 

II 2 “f~ I 2 = 2III (2) 

Consider first the reactants under conditions of temperature 
and concentration (or pressure) which allow a measurable re- 
action speed. If the hydrogen concentration is now doubled 
and the concentration of the iodine kept the same, the reaction 
speed will be doubled, for now each iodine atom will make twice 
as many collisions with h 3 "drogen atoms, hence twice as many 
effective collisions. The same result would be obtained by 
doubling the concentration of iodine and keeping the concen- 
tration of the h^'drogen the same as it was originally". If now 
both the concentration of the hydrogen and the concentra- 
tion of the iodine are doubled, the number of effective colli- 
sions will be increased fourfold and the speed of the reaction 
will be four times as great. This concept will be developed 
more fully in the latter part of this chapter. 

Effect of a Catalyst, The speed of many reactions is in- 
creased by the presence of some substance which itself under- 
goes no permanent chemical change during the reaction. Such 
a substance is known as a catalyst. Catalysts may be divided 
into two general classes; (1) contact catah^sts, and (2) those 
which form intermediate substances which in turn react to re- 
generate the catalyst. The reaction of sulfur dioxide with 
oxygen to form sulfur trioxide in the presence of nitric oxide is 
an example of the latter class. Oxy'gen does not react with 
sulfur dioxide with any' appreciable speed at 500° C when no 
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other substance is present, yet in the presence of nitric oxide, 
NO, this reaction proceeds rapidly. The nitric oxide itself 
combines readily with oxy^^en and the product formed, N()2, 
then reacts with the sulfur dioxide formint^ sulfur trioxide and 
regenera tinj^; the nitric oxide for further uses as a catalyst. 
Known catalysts of this type are far fewer than contact cata- 
lysts. 

Contact catalysts are tliose which provide a surface upon 
which the reacting substances may come in contact with each 
other. The catalyst has the ability to hold (adsorb), a mono- 
molecular layer of one or more of the reactants on its surface. 
When the reactant is thus adsorbed, the field of force ai)out 
the adsorbed reacting molecule is so changed that the molecule 
with which it is to react does not liave to penetrate so deeply 
to cause reaction. More of the collisions are therefore effective, 
hence the speed of the reaction is increased. Finely dividetl 

V 

platinum is u.scd as a catalyst for many reactions, amons which 
are the oxidation of sulfur dioxide to sulfur trioxide (contact 
process of making sulfuric acid), the addition of hydrogen to 
unsaturated organic compounds (hydrogenation of cottonseed 
oil, for example), the oxidation of methanol to formaldehyde 
(2CH3OH + (>2 = 2(.'H20 + 2H2O), the reaction between ni- 
trogen and liydrogen to form ammonia, the oxidation of carbon 
monoxide to carbon dioxide, and the reaction between hydrogen 
and oxygen to form water. Since the function of the platinum 
is to provide an active surface, the greater the surface area of 
the catalyst the greater is its effectiveness. The surface of the 
catalyst is increased by s])reading the platinum over some other 
inert substance such as asbestos. This can be done by soaking 
asbestos in a solution of a platinum salt and then decomposing 
the salt by heat. For commercial practice a substitute for 

platinum is usually sought because of the high cost of the 
metal. 

Uelvrogeneous and Homogeneous Reactions. All reac- 
tions may be classified as either heterogeneous or homo- 
geneous. Those which take place at some surface are the 
heterogeneous reactions, examples of which were cited in the 
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last section. In some cases the surface itself may be one of 
the reactants. The rusting of iron, for example, is a hetero- 
geneous reaction in which the surface of the iron reacts with 
the oxygen. In this case one of the reactants is a gas and the 
other a solid. When manganese dioxide is placed in a solution 
of hydrogen peroxide, the latter substance decomposes to give 
water and oxygen. The manganese dioxide acts as a catalyst 
and the reaction is a heterogeneous one. When copper sulfate 
solution reacts with zinc to give zinc sulfate solution, it is the 
copper ion in solution which is involved in the reaction with 
the zinc to give zinc ions and metallic copper. This reaction 
also is a heterogeneous one. 

Reactions which do not take place on a surface or at an 
interface between two different phases are called homogeneous 
reactions. In homogeneous reactions all reactants are gases, 
liquids in the same solution, or solids dissolved in each other. 
In other words, for homogeneous reactions there is no boundary 
surface between the reactants nor do the reactants combine 
with each other on the surface of a catalyst. The burning of 
illuminating gas is an example of a homogeneous reaction. All 
the reactants, the gas and the oxygen of the air are gaseous 
(of the same phase) and the reaction does not take place on a 
surface. However, when this reaction takes place on a Weis- 
bach mantle, the mantle acts as a catalyst and the reaction is 
then a heterogeneous one. When gaseous hydrogen reacts with 
gaseous iodine to form gaseous hydrogen iodide (equation 2), 
the reaction is a homogeneous one since all the constituents 

are confined to a single phase. 

Reactions Involving Jons. When a barium chloride solu- 
tion is added to a solution of sodium sulfate a precipitate of 
barium sulfate immediately forms. Barium ions and the sul- 
fate ions must eventual^^ attach themselves to the surface of 
the crystal in their regular places to form the crystal of barium 
sulfate. The crystal of barium sulfate grows by deposition on 
its surface and part of the reaction at least must be hetero- 
geneous. 

The formation of the cr^'stal nucleus, that is, the attach- 
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incnt of the first ions to each other, is a difterent kind of a 
reaction. Perhaps that part of tlie reaction is a homogene- 
ous one. The plienomenon of supersaturation attests to the 
fact that this part of the reaction is dilTerent, In a super- 
saturated solution of sodium thiosulfate, for example, the rate 
of formation of crystal nuclei is so slow that crystallization 

c « 

cannot set in. If a crystal of solid sodium thiosulfate is added 
to such a solution, crystallization immediately occurs. In most 
ionic reactions, howe\'er, the rate of formation of crystal nucha 
is yery fast, as is crystallization once nuclei ha\'e been formed. 

The neutralization of a solution of sodium hydroxide 1)\' a 

* • 

solution of hydrochloric acid is an example of a homo^tUK'ous 
ionic reaction. As \yas preyiously stated, this reaction in- 
\()lyes the combination of the hydrop;en and hydroxide ions 
to form water and is confined to a single phase. The ionization 
of any weak acid or weak base in water solution is a homo- 
f 2 ;eneo\is reaction of the ionic type. 

ReversihU* Reactions. The formation of water by the 
combination of hydrogen with oxygen has preyiously been 
used to illustrate the different factors to be considered in an 
understandin*^ of reaction yelocity. It has been staled that 
these two elements react with each other almost completely 
at moderate temperatures. On the other hand, at 2000° 
or aboye, an appreciable amount of steam is broken up into 
hydrogen and oxygen. Eyen at room temperature we may 
assume that some water yapor molecules dissociate into hydro- 
g(*n ai!d oxygen, but that the rate of dissociation and its extent 
ar(‘ so small that the change cannot be detected. All reactions 
may be regarded as reyersible. Often the amount of reyersi- 
l)ilily is so small that it cannot be determined l>y any known 
(experimental method, but it would be contrary to our ideas 
(‘onceniing pro}>ability to suppose that any chemical reaction 

' irreversible. However, when no detectable 

is oyer obseryed it is common practice 
to rc'gard the inaction as “ irreyersible.’' 

When sodium reacts with water, hydrogen and a solution 
of sodium hydroxide are produced; 
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2Na + 2H,0 = 2NaOH + (3) 

If the reverse process of passing hydrogen into a solution of 
sodium hydroxide is carried out, no detectable amount of 
sodium is produced, yet we may not say that not even a single 
atom of sodium is formed in such a process. If w'e were to be 
entirely practical, we would regard such a process as irrevers- 
ible, yet from the standpoint of equilibrium, the subject we 
are to consider next, it -will be very useful to regard every 
chemical reaction as having some tendency to reverse itself, 
however small that tendency may be. 

Chemical Equilibrium. The reaction 

2 NH 3 = N 2 + 3 H 2 (4) 

was previously used to show that there is a definite limit 
beyond which a reaction cannot proceed. At the time the 
example was given, it was not made apparent why the reaction 
stopped before completion, but it was by no means implied 
that the reaction suddenly comes to a standstill. The reason 
for the definite limit is that the NH3 is simultaneously being 
formed and finally a condition is reached in which the two 
opposing reactions proceed at the same rate. In this state of 
balance the amounts of NH3, No, and Hj present in the reaction 
mixture remain constant. 

This condition of equilibrium, which any chemical reaction 
can attain, can be likened to a horse running on a treadmill 
which moves faster as the horse increases his speed. When 
the hor.se and the treadmill are in equilibrium, the horse is 
apparently stationary to an observer. If the horse runs 
faster, he advances a few feet, but the mill also moves faster 
and again he appears to be stationary, although his stationary 
position will be in advance of his previous one. In the case in 
which the reaction just con.sidered is in equilibrium the amount 
of NH3, N 2 , and H2 remains constant, j’et like the horse and 
the treadmill the reactions proceed in opposite directions with 
the same speed. At equilibrium the forward and reverse re- 
actions alwaj’s proceed at the same rate. 
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The Late of Mass Action. The Law of ?^Iass Action is a 
quantitative statement relating the velocity of a reaction to 
the concentrations of its reactants. To develop the (luantila- 
tive notions of chemical equilibrium, that is, to understand the 
Law of Mass Action, we shall consider the hypothetical reac*- 
tion 

A B — C -\r D (.)j 

In this reaction A molecules react with B molecules to form 
C and D molecules. For the A and B molecules to rea(*t it 
is necessary that they collide with each other. The number 
of molecules reacting in a ^iven time will be proportional to 
the number of collisions between them. If the number of 
collisions between A and B molecules in one case were twice 
as great as that in another in a given time, then twice as 
many A and B molecailes 
would react. To determine 
the dependence of the rate of 
the reaction upon the concen- 
trations of A and B, it is only 
necessary to determine the 
manner in which the number 
of collisions between A and B 
molecules varies with their re- 
spective concentrations. To 
do this, consider a closed vessel 
containing only A andB mole- 
cules and for simplicity, suppose that there are only 4 A mole- 
cules and 4 B molecules present in the vessel. Let us determine 
the chance that any ,1 molecule will collide with a B molecule 
m a ftiven time. We arbitrarily indicate the chance of collision 
by drawirift lines between A and B molecules (Fi<rui-e G.l). 
Lnder tin; conditions we have chosen, the chance that any .4 
molecule will collide with iinyB molecule is 16 (16 lines). Each A 
molecule has 4 chances of colliding with a.B molecule and since 
there are 4 *4 molecules the total chance becomes 4 x 4 or 16. 
It IS obvious that collisions between like molecules are not to 
be included since they do not lead to reaction in this case 
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Now suppose the concentration of A molecules is doubled, 
that is, there are 8 A molecules and 4 B molecules in the same 
container (Figure 6.2). The chance that any A molecule will 
collide with any_B molecule will now be 32 (4 x 8 lines). The 
number of A molecules in the second case is now twice that in 
the first and the chance for collision between the A and B 
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molecules is doubled. With 8 A molecules and 8 B molecules 
(Figure 6.3), the chance of collision is 64 (8x8 lines). In 
general, the chance of collision will be equal to iVo X Nbj where 
Na and represent the number of A and B molecules re- 
spectively. 

In all of the above cases the size of the container was the 
same, so A'a, expressed in proper units, is the concentration of 
A molecules, and A't the concentration of B molecules. The 
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chance for collision between *-1 and B molecules is then pro- 
portional to the product of the concentrations of .1 and of B 
molecules. But the rate of the reaction is directly proportional 
to the number of collisions. Therefore, the rate at wliich .1 
molecules combine with B molecules is also proportional to 
the product of the concentrations of A and B. 

Ratei (*4) x (B) (0) 

or RatCi = lci(A) X (B) * (7) 

where (*4) and (B) represent the concentrations of .4 and B 
respectively, and ki is a proportionality constant. 

Let us now consider the reverse reaction 


C + Z) — .4 + B 



By the same arj^ument it can be shown that the rate of this 
reaction is proportional to the product of the concentration 
of the C molecules and the concentration of the D molecules, 
that is, 

Rate-: = A-.j(C) x (D) (<)) 


where (C) and (D) now represent the concentrations of C and 
D molecules, and ko is a proportionality constant. 

When the system is in eciuilibrium both the reactions pro- 
ceed simultaneously, 

= C + D (10) 


and the rate in the forward direction is ecjual to the rate in 
the backward direction, 


or 

and 


Ratei = Rate.) 

A-i(.4) X (B) = k,{C) X (D) 

Ai ^ (C) X (D) 

/:•> (A) X (B) 


( 11 ) 

( 12 ) 

(13) 


Since ki and k-z are both constants, the ratio ~ is also a constant. 

(C) X (D) 


(A) X (B) 


= AL., 


(14) 


Set* (iiscussion of proportion anJ proportionality roristanls in tlio Appendix. 
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i^eq is known as the equilibrium constant for the reaction. 
This expression means that the concentrations of all four 
substances are so related that if the concentration of any one 
is changed, the concentrations of the others must vary through 
a chemical reaction in such a way as to make the value of the 


expression 


(C) X (Z)) 


the same as it was originally. 


(A) X (B) 

Let us now consider another hypothetical case in which we 
have two molecules of the same kind reacting with each other, 
for example, 

2A C + Z) (15) 


Two molecules of A react with each other to form one mole- 
cule of C and one of D. This time we shall determine the chance 

^ A collision between any two A 

molecules. Suppose there are 
6 A molecules in the enclosed 
vessel. Counting the chances 
as was done in the previous 
^ case we find that there are 15 
(5-f44-3 + 2-Fl lines, Figure 
6.4), that is, the first molecule 
to be considered has 5 chances 
of collision, the next molecule 
has 4 chances (not counting 
the same chance twice), the 
third molecule, 3 chances, etc. 

If we double the number of A molecules (now 12), we find 
that the chance is 66 (11 -f-10-l-9-l-8-f-7H-6 + 5 + 4-l-3 
+ 2+1 lines). In general, for N molecules the chance of 
collision will be ( — 1) + ( — 2) + (iV — 3) + • • - + 1. The 
mathematical formula for determining the sum of such a series 
of combinations is 

( 10 ) 
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Therefore, the number of collisions is proportional to 
( A^ " 1) X A^. N represents the number of molecules in the 
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For all actual cases; A’ is an exceodinfflv larso number, 
SO {X - 1) may he considered equal to A’, and ( A’ - 1) x A' is 
practically equal to A’^ When we recall that tlie lowest 
vacuum we can possibly obtain still contains billions of mole- 
cules per cubic centimeter, certainly one molecule more or less 
can make no appreciable difference, so we are (phte justified 
in letting A’ — 1 equal A’. Accordingly, we ma\' say that tlie 
number of collisions in such a case is proportional to A'b 
But since N may be expressed as the concentration of the 
reacting substance, in this case A molecules, the number of 
collisions is proportional to the con(‘entration of A molecules 
s(iuared. For this case, 


The reverse reaction, 


RatCi = 

C -f- ^ 2A 


( 17 ) 

(IS) 


is similar to that already considered in the first case, and for 
this reaction it was shown that 


For e(iuilibrium, 
and 

Consequently, 


Rate2 = /ej(r) x (D) 

2A — C -f- D 
RatCi = Rate 2 


(19) 

( 20 ) 
( 21 ) 


A-i (C) X (D) 


Ic 


(A)-^ 


= K 


eq 


( 22 ) 


In 1 his case it will he noted that the eciuilibriuin expression 
involves the concentration of A to the second power. 

1 h(! two hypothetical cases considered are relatively sim- 
ple hut more complicated reactions offer no special difficulty. 
Thus, for the ecjuilihrium, 


2.4 +B — 2C + D 


(23j 


we may think of the forward reaction as taking place in two 
steps, the first step resulting in the formation of some in- 
termediate comixmnd, say .4,, which in turns reacts with B, 

2.1 ^ .4 2 (24 j 

A.,+B-.2(' + D (2,->) 
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The net result is the sum of equations (24) and (25), 

2A+B ^2C + D 

which is the forward reaction of (23). Therefore the rate of 
the forward reaction is proportional to {Ay X (B) or 

Ratei = h{Ayx (B) (26) 

In a similar manner the reverse reaction may be thought 
of as taking place in two steps, and 

Rates = hiCy X (D) (27) 


At equilibrium, where RatCi = Rates, 

(cy X (D) j. 

{Ay X (B) 



The same result could be obtained by assuming that some 
other intermediate compound, such as AB, is formed by the 

reaction , ^ 

A+B^AB (29) 


which in turn reacts with A, 

AB + A-^2C + D (30) 

In fact, it is not even necessary to assume the formation of 
any intermediate compound, but rather to consider the colli- 
sions between two A molecules and one B molecule simulta- 
neously. In this case the rate in the forward direction would 
be proportional to the number of B molecules times the number 
of collisions between two A molecules. Since the number of 
collisions between two A molecules is proportional to {A}-, 
then the number of collisions between two A molecules and 
one B molecule will be proportional to ( A\y X Nt. By the 
same arguments used previously, 

Ratei = ^•l(A)= X (B) (31) 

and the same result for the equilibrium expression could be 
obtained. 

In general, for the reaction 

nA -h mB :^pC + rD 


(32) 
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where n, m, p, and r are small whole numbers, the expression 
for the equilibrium constant will be 



(C)^ X (py 

(A)" X 



Expressed in mathematical language this is a generalized 
statement of the Law of Mass Action or the Law of Chemical 
Equilibrium. 

In this expression it will be observed that the concentration 
of each reacting substance is raised to the same power as the 
coefficient of the respective term in the equation representing 
the reaction. According to convention the concentrations of 
the substances in the numerator of this expression are for 
those substances on the right side of the equation as written 
(products of the forward reaction), and the concentrations in 
the denominator are those for the substances on the left side 


of the equation (reactants). 

Factors Influencing Equilibrium, Since at equilibrium a 
chemical reaction is proceeding in the forward and backward 
directions with equal velocities, it might be expected that those 
factors, such as temperature and concentration, which affect 
the speed of any reaction might also affect the equilibrium; 
that is, it might be expected that these same factors might 
change the balance between the two opposing reactions. To 
understand the problem more clearly, it might be advantageous 
again to consider the analogy between a chemical system in 
eciuilibrium and the horse running on a treadmill which in- 
creases its speed as the horse advances. If the horse, while 
running and apparently remaining stationary with respect to 
some fixed point, is spurred forward by a whip, he increases 
his speed and advances; but as he does so the speed of the 
treadmill also increases and again the horse comes to an ap- 
parently stationary position. For the second time, the horse 
and treadmill are in a state of equilibrium, but the horse has 
now occupied a position farther forward. If, on the other hand, 
a load is hitched to the horse he runs slower. Momentarilv 
he sliifts his position backward, but since the treadmill runs 
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slower he soon assumes a new position of equilibrium. Dur- 
ing the short interval that the horse advances or falls back the 
position of equilibrium is shifted. 

In an analogous manner, the equilibrium position of a 
chemical reaction may be shifted, and it is common to speak 
of a shift in equilibrium to the right or to the left with 
reference to the chemical equation for the reaction taking place. 
Thus for the equilibrium between sulfur dioxide, oxygen and 
sulfur trioxide as represented by the equation 

2SO2 + 02 = 2SO3 (34) 

all these substances are present in definite quantities and the 
reaction is proceeding in both directions. If now, by some in- 
fluence, the equilibrium is shifted so that more sulfur trioxide 
is formed, we say that the equilibrium is shifted to the right. 
During the change from one equilibrium position to another 
the reaction proceeds momentarily faster from left to right 
than from right to left. The situation is analogous to the 
momentary shift in the position of the horse on the treadmill 
when he is spurred to a faster speed. With this explanatory 
introduction we may state the problem of this chapter more 
precisely. What factors shift the equilibrium of a chemical 
system of reacting substances? 

The Effect of Changing the Concentration. The equi- 
librium existing in a chemical system may be shifted by in- 
creasing the speed of either the forward or backward reaction. 
In the hypothetical reaction 

^+S = C + D (35) 

the forward speed depends upon the product of the concen- 
trations of the A and B molecules while the speed of the back- 
ward reaction depends upon the product of the concentrations 
of the C and D molecules. If, when the system is in equilibrium, 
an additional amount of A or B is added, the forward rate is in- 
creased because the concentration of the reacting molecules is 
increased. The forward rate will momentarily be greater than 
the reverse rate; the system is temporarily out of equilibrium 
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and C and D molecules will he produced faster than tlie>' dis- 
appear. But as the concentrations of C and D increase the 
reverse rate also increases until eventually it a^ain hecomes 
e(iual to the forward rate. A new state of e(iuilihrium is at- 
tained. The addition of an extra amount of either A orB is like 
applying a whip to the horse on the treadmill. In the same 
manner that the horse moves forward, the eciuilihrium position 
shifts from left to right. In the second state of eejuilihrium the 
sul)stauces on the right side of the eejuation are present in 
greater concentration than originally. By increasing the con- 
centration of either or both C and D the eciuilibrium can like- 
wise be shifted to the left. 

The equilibrium may also l)e shifted to the right by removal 
of either C or Z). In this case the reaction from right to left 
is momentarily retarded and the reaction from left to riglit 
proceeds faster than that from right to left until a new eejui- 
librium condition is again reached. 

These same conclusions mav be drawn bv a consideration of 
the equilibrium constant. For the hypothetical reaction (35) 


(C) X (D) 

(A) X (B) 


= A' 


(3G) 


If, when the system is in equilibrium, the concentration of A 
is increased, then momentarily the value of the above ex- 
I)ression would be smaller than Aeq. The system must then 
shift so as to make the expression equal to Aeq. When this is 
done (C) and (D) increase and (B) decreases. In other words, 
some A molecules react with some of the A molecules that were 
added to form more C and D molecules. 

In general, if the concentration of one of the substances ap- 
pearing on the right side of the equation is increased, the 
e(iuilil)rium sliifts from right to left and vice versa. If the con- 
centration of one of the substances on the right side of the 
ecpiation is decreased, the equilibrium shifts from left to right. 

The Rule of Le Chatelier. The effect of concentration on 


equilibrium, just discussed in the last section, is a special ease 
of the general theorem known as the Rule of Le Chatelier. 
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This rule states that, for a S3^stem already in equilibrium, any 
change in the factors which affect this equilibrium will cause 
the system to shift in such a way as to neutralize the effect 
of this change. 

The total pressure to which a sj^^stem is subjected is often 
one of the factors affecting equilibrium. According to the 
Rule of Le Chatelier, if the total external pressure is increased, 
the S3^stem will change in such a way as to reduce this effect, 
that is, the equilibrium ^\ill shift so as to decrease the pressure. 
For a gaseous system, the shift mil take place in such a way as 
to decrease the total number of molecules, for this would result 
in a smaller pressure. This effect of pressure may be illustrated 
by the reaction 

2NO2 = N2O4 ( 37 ) 

Consider the substances, represented by the formulae in this 
equation, to be in equilibrium and to be exerting a definite 
total pressure on the wall of the container. If the external 
pressure is increased, it will be momentarily balanced b\' the 
pressure exerted b}’ the N2O4 and the NO2. But by the Rule 
of Le Chatelier the system will change to a condition which will 
reduce the effect of the increased pressure. That is, the above 
equilibrium will shift in the direction of a fewer number of 
molecules, for two NO2 molecules are required to produce one 
N2O4. In other words, an increase in the external pressure 
will shift the equilibrium to the right. Conversely, a decrease 
in total pressure (by expansion) will shift the equilibrium from 
right to left. 

In the system consisting of ice and water in equilibrium at 
0 ° C as much ice melts as is formed. This is an example of a 
physical equihbrium but it may be treated in the same manner 
as a chemical equilibrium. Therefore we may write 

ice = water ( 38 ) 

If pressure only is now applied to the s\^stem, water in equi- 
librium with ice, the system will change in such a way as to 
make the volume smaller, thereby reducing the pressure 
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exerted on the sides of the container hv its contents. Since 
water occupies a smaller volume than an equivalent amount of 
ice, some ice will melt as pressure is applied. However, as the 
ice melts it al)sorhs heat. The temperature will therefore 
drop and a new state of eciuilihrium will he reached. The melt- 
in^j; point of ice decreases with increased pressure. 

If a system of molecules in efiuilihrium in solution is di- 
luted, the equilihrium will shift in such a way as to decrease 
the eftect of dilution; that is, it will shift so as to produce more 
molecules or particles. Acetic acid is a weak acid which in 
solution consists of acetic acid molecules in efiuilihrium with 
its dissociation products, hydrogen ion and acetate ion, in 
accordance with the equation 


HC2H3O2 = H- + 


(30) 


Dilution decreases the concentrations of all substances hut 
this dilution effect will he counterhalanced hy the production 
of more particles; that is, the above reaction will shift from 
left to rifrht. C'onversely, if the solution is concentrated by 
evaporation the above e<iuilibrium will shift from rio;ht to left. 

7 he Ejjecl of Temperature on Equilibrium. Let us now 
consider the effect on equilibrium of changing; the temperature. 
Increasing the temperature of a reacting system in equilibrium 
will increase the velocities of the reactions in both directions. 
If the forward and backward reactions were increased by 
exactly the same amount by an increase in temperature there 
would be no change in the position of equilibrium. Returning 
to the analogy of tlie horse on the treadmill, an increase in 
temperature is like increasing both the speed of the hor.se and 
the mill. If the speeds of both increase by exactly the same 
amount the horse will remain in an apparently stationary posi- 
tion. If, however, the speed of the horse is increased to a 
greater extent than that of the mill, the hor.se will move for- 
ward to a new equilibrium position. Likewise, if the speeds of 
the forward and backward reactions are not increased by the 
same amount, a shift in the e(]uilibrium position will occur. 

I he ehect of temperature on erpiilibria can best be judged 
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from the standpoint of the Rule of Le Chatelier. When any 
reaction proceeds in one direction, from right to left or vice 
versa, heat is either evolved or absorbed. Thus, when carbon 
monoxide reacts with oxygen to form carbon dioxide heat is 
evolved. This effect may be included in the equation 

2CO + 02 = 2 CO 2 + heat (40) 

If, when all these substances are in equilibrium, the tempera- 
ture is increased or heat is applied, the equilibrium will shift 
in such a way as to absorb the heat; that is, the equilibrium 
will shift from right to left, for proceeding in this direction the 
reaction absorbs heat. At higher temperatures, then, more 
CO 2 is dissociated into CO and O 2 at equilibrium than at lower 
temperatures. 

While changing the concentration of one of the reactants 
and keeping the temperature constant shifts the equilibrium, 
it does not change the value of the equihbrium constant. The 
effect of temperature change, however, is to alter the value of 
the constant. The equihbrium expression for the reaction 
iust considered is 

(C02)^ = K (41) 

(C0)^(02) "■ ^ ’ 

Keq has a definite value for each temperature and it may be 
deduced that the higher the temperature the lower the value of 
the constant. (Lower values of Aeq correspond to a smaller 
concentration of CO 2 and a larger concentration of CO and O 2 .) 

Catalysts Cannot Shift Equilibrium. While catalysts 
are used to increase the speed of a reaction, they cannot shift its 
equilibrium position. It can be demonstrated that a shift in 
chemical equilibrium by a catalyst would be equivalent to a 
perpetual motion machine. It would only be necessary to bring 
the catalyst alternately in and out of the reaction mixture. 
Knowing that perpetual motion is impossible, we must con- 
clude that a catalyst cannot influence the equilibrium posi- 
tion. The complete argument is one which falls into the scope 
of chemical thermodynamics and cannot be given here. 

If a catalyst can increase the velocity of a reaction but not 
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affect its equilibrium it must follow that a catalyst which in- 
creases the speed of a forward reaction also increases the speed 
of the reverse reaction by an equal amount. This deduction 
has been verified many times by experiment. Specially pre- 
pared iron, which is a good catalyst for the formation of am- 
monia from hydrogen and nitrogen is also a good catalyst for 
(he decomposition of ammonia into its elements (the reverse 
of the formation reaction;. 


Questions and Problems 

]. Deduce from kinetic theor>' considerations that an increase in 

temperature will cause an increase in the velocitv or rate of anv 

♦ « 

f 2 ;ivon reaction. 

a reaction doubles for e\'ery ten degiee rise in 
temperature, how much faster would the reaction pi-oceed at 
100° C than at 20° 

3. On the basis of tlie increase of reaction rate with increase of 
temperature explain why a mixture of hydrogen and oxygen 
exjdodes when ignited. 

4. How much faster will the reaction, II 2 + D — > 2III, proceed if 
the partial pressures of the II-. and b are two atmospheres each 
than it will it theii' partial pressures are eacli one-half atinospliere 
(at the same temi)eratui'e)? 

5. Wliat are the two classes of catalvsts? 

6. \\ hat is the distinction between a heterogeneous and a homo- 
geneous reaction? 

7. Is the neutralization of an acid solution by a basic solution a 
heterogeneous or homogeneous reaction? 

8. ^^hat is meant by the term “irreversible reaction’*? 

9. If SO-i, (b and SO.t are in e(niilibrium, has all reaction stopped 
either in the forward or reverse direction? Tlie e(iuation is 

2S(b -1-02 = 2S()3 

I'Aplain. 

10 . Show tiiat for efiuilibrium for the hypothetical reaction 


A + B = C -b D 

the concentrations of /I, C and I) must satisfy 
11,.. t X - 

^ (-1) X {H) to a constant. 


the condition 
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11. If 5 molecules of the same kind in a given container make on the 
average ten collisions with each other every second, how many 
collisions per second would occur if 15 molecules instead of 5 were 
present? 

12. In the equation = K, where K is a constant, let the values 

c d 

of a, b, c and d be 3, 4, 5 and 6 respectively. What is the value of 
K? In each of the following cases determine the value of a, b, 
c or d from the value of K obtained previously and from the 
values of the other three letters; i.e., fill in the blanks to make 
the value of K the same as that previously obtained. 

abed 

(1) 3 4 10 

(2) 3 4 20 

(3) 4 5 3 

(4) . . 4 5 12 

( 5 ) 3 . . 5 12 

(6) 3 . . 5 24 

(7) 6 8 5 

(8) 12 16 5 

13. Write the expression for the equilibrium constant for each of 
the following reactions: 

(1) HCN - H+H-CN- 

(2) NH,OH = NH4+ + OH- 

(3) H2S = 2H+ + S— 

(4) Hg2++ + 2Fe+++ = 2Fe++ + 2Hg+-^ 

(5) CO2 + H2 = CO + H2O (gas) 

( 6 ) 2NO2 = 2 NO + O2 

(7) 3H2 + N2 = 2NH3 (gas) 

14. Consider the system represented by the equation 

N2 + 3H2 = 2NH3 + heat 


to be in equilibrium. 

(a) What will be the effect of adding more H2 to the system. 
(Will the equilibrium shift to the right or left or remain sta- 


tionary?) 

(b) What will be the effect of adding more iNHa.'' 
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16 . 


17. 


(c) What will be the efl'eet of inereasing the total pressure? 

(d) What will be the effect of iii(*reasing the temperature? 

15. What is the Rule of Le Chatelier? 

Explain wliy a catalyst which accelerates the rate of a leaction 
in one direction must also accelerate the rate in the reverse 
direction. 

At ()0° C the solubility of KX();t is 110 g. per 100 g. of water, 
while at 20° C its solubility is 20 g. pei' 100 g. of water. Is heat 
liberated or absorbed when KX’O.i is dissolved? 

When XTEXOij/lissolves in water heat is absorbed. Is X'lIiXOs 
more or less soluble at high than at low temperatun^s? 

In the game of pocket l)illiards there are. besides the “projectile’* 
ball or cue ball, fifteen other balls numbered 1 t(^ 15. d'he s(“ore 
of any pku'er is determined by the summation of numbers of 
the balls he pockets (the balls must be pocketed in succossi\-e 
order). If any one player should i)ocket all the balls, show by 
ccpiation (1(>) that his score will l)e 120. Cajnfirm this result 
by adding all numbers from 1 to 15, inclusive. 


18 . 


19 . 



CHAPTER 

7 


Equilibria Involving Weak Acids and 

* 

Bases 


In the previous chapter we considered a generalized treat- 
ment of the Law of Mass Action or the Law of Chemical 
Equilibrium, which for liquid systems can be apirfied only to 
solutions of relatively insoluble substances or to solutions of 
weak electrolytes. Although relatively few of the known sub- 
stances belong to this latter class, the majority being either 
strong electrolytes or non-electrolytes, yet from the stand- 
point of chemical equilibrium the weak electrolytes are of the 
greatest importance and henceforth we shall deal to a very 
large extent with equilibria involving this class of compounds. 

Of all the weak electrolytes weak acids are the most impor- 
tant, not only in the subject of qualitative analysis and in 
problems of a purely chemical nature but also in biological 
systems involving the blood, the tissue and cell materials, and 
the glandular secretions. In many systems it is highly im- 
portant that not only the hydrogen ion concentration be con- 
trolled but that a source of hydrogen ions be at hand to replace 
those which may be used up. The molecules of weak acids act 
as such a source of hydrogen ions for, as we shall see, the Law 
of Mass Action demands that as hydrogen ions are remo\-ed 
by chemical reaction, more molecules must dissociate to replace 

the ions that may be consumed. 

The neutralization of both a strong and a weak acid by a 
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solution of sodium hydroxide mav be used to illustrate the 

« V 

action of a weak acid as a liydrogen ion reservoir. Hydro- 
chloric acid and acetic acid, CH3COOH, are typical examples 
of strong and weak acids respectively. Hydrocltloric acid in a 
1 molar solution is completely dissociated and the concentra- 
tions of the hydrogen ion and chloride ion are each 1 molar. 
Acetic acid in a 1 molar solution, on the other hand, is dis- 
sociated only to the extent of about 0.43 percent, so the hydro- 
gen ion concentration in this solution is only .0043 molar. In 
spite of the difference in the hydrogen ion concentrations in 
the two cases cited, ecpial (piantities of these two solutions will 
require the same amount of sodium liydroxide to neutralize 
them. When the sodium hydroxide solution is added to the 
solution of hydrochloric acid the reaction taking place is 
simply the combination of hydrogen ions and hydroxide ions 
of the acid and base respectively to form water, as represented 
bv the ecpiation 

H^ + OH-= H.O (Ij 

When sodium hydroxide is added to the solution of acetic 
acid we may regard the reaction as being made up of two steps 
or two parts. In the first place, we may regard the free hydro- 
gen ions as combining with the hydroxide ions, the same reac- 
tion as with hydrochloric acid. As the hydrogen ions are re- 
moved, more acetic acid dissociates. 


CH3COOH = H+ + CH3COO 


( 2 ) 


4 his dissociation and combination proceeds until all the acetic 
acid molecules have been used up, and therefore the amount 
of sodium hydroxide required in the two cases will be the same. 
The over-all reaction for the neutralization of acetic acid bv 

sodium hydroxide represents the summation of these two 
steps and is written 


CH3COOH -h = CH3COO- -h H2O 


(3) 


The acetic acid in solution consists principally of CH3COOH 
molecules, and since it is these molecules which ultimately 
disappear during the course of the reaction, CH3COOH, and 
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not H+ as in equation (1), must appear on the left side of the 
equation. 

In later chapters we shall see how it is possible to calculate 
the hydrogen ion concentration after any given amount of 
sodium hydroxide has been added to the acetic acid solution. 
Also, in a later chapter we shall briefly discuss the role of 
weak acids in controlling the hydrogen ion concentration in 
the blood. 

The Ionization of Weak Acids. To illustrate the applica- 
tion of the Law of Chemical Equihbrium to weak acids, let 
us consider again acetic acid and its ions in solution. The 
acetic acid molecules are in equilibrium with the hydrogen 
ions and acetate ions, which equilibrium may be expressed by 
the equation 

HAc = H+ + Ac- (4) 


Applying the Law of Chemical Equilibrium to this case we 


. , , ^ Cone. H+ X Cone. Ac , , , 

find that Cone H\c equals a constant. 

abbreviated form this is written 


In a more 


(H+) (Ac-) 
(HAc) 



A'l is known as the Ionization Constant. In any Law of Mass 
■Action expression the concentrations of the substances involved 
in the expression are given in terms of moles per liter, never 
as grams per liter or as grams per 100 ml. 

In a 0.1 molar solution of acetic acid the concentrations of 
the H+ and Ac- ions are the same, and by experiment we know 
that their concentrations are each .00135 molar. The concen- 
tration of the undissociated acid must be 0.1 - .00135 or 
.09865 molar, since the total of dissociated and undissociated 
acid must equal 0.1 molar. (Note that the amount of undis- 
sociated acid is 0.1 — .00135 and not 0.1 — 2 X .00135, as a 
too hasty deduction might lead one to believe. Each molecule 
which dissociates produces one hydrogen ion and one acetate 
ion. A concentration of .00135 molar of either hydrogen ions 
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or acetate ions in this case means that .00135 moles of accti( 
acid molecules are dissociated in one liter of solution.) 11 k; 
numerical value of the foregoing expression then becomes 

= -OPOo X .001^ ^ .00001 So or l.So X lO^' 


(HAc) 


.098()5 


The value of Ki at 25° C is then 1.85 X 10'\ At any other 
temperature acetic acid is not dissociated to the same extent. 
At 100° C, for example, the dissociation constant for acetic 
acid is 1.1 X 10”\ In other words, the value of 1.85 X 
holds for the temperature of 25° C" only. However, at this 
temperature A'l has the same value for solutions other than 
0.1 molar. For a .01 molar solution, for example, the same 
value of Ki is obtained. From this value of A'l it is now pos- 
sible to calculate the concentrations of the and Ac“ ions 
in anv solution of acetic acid which is not too concentrated. 

In a .01 molar solution of acetic aci<l the total amount of 
acetic acid, both dissociated and undis.-iociated, contained in 
one liter is .01 mole. If we let A" be the concentration of the 
ion, then the concentration of the Ac“ ion is also X and 
the concentration of the undissociated acid is .01 — X. Then, 


(HA(Ac-) 

(HAc) 


X- 


.01 - X 


= l.So X 10 





In solving this eciuation for the value of X (the H+ and 
Ac” concentrations), let us first assume that X is very small 
as compared with .01; so small that the amount of undis- 
sociated acid (.01 — A") is practically equal to .01. (X can l)e 
neglected in such e(|uations only when it is added to or sub- 
tracted from some other number much larger than X. It can- 
not be nefj;lected in the numerator of the foregoing e.xpression.) 
The eciuation then simplifies to 


X- 

= 1.85 X 10^^ 

A"- = 1.S5 X 10”' = 1S.5 X 10-« 
X = 4.3 X 10”* mole per liter 
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The concentration of the H+ and Ac“ ions is then calculated 
to be 4.3 X 10“^ molar. We may now inspect the original 
equation to see if we were justified in neglecting X in the 
denominator expression of .01 — X. (.01 — .000431 = .009569.) 
This is almost equal to .01 and, for all practical purposes, the 
neglecting of X in the original expression was thus justified. 
If, however, X were so large that it could not be neglected 
(say 10 percent of the value from which it is subtracted or to 
which it is added) then the equation must be solved by the 
general solution of the quadratic equation (see the Appendix). 

In a 0.1 molar solution of acetic acid the concentration of 
the H+ ion is .00135 molar, while in a .01 molar solution we 
have just found it to be .000431 molar. The H+ ion concen- 
tration is smaller in the more dilute solution. However, in 
the dilute solution a greater fraction of the total amount of 
acetic acid present is dissociated; 1.35 percent in the 0.1 molar 
solution and 4.3 percent in the .01 molar solution. We would 
be led to expect such a condition by a consideration of the 
processes taking place to maintain equilibrium. In the more 
dilute solutions the H+ and Ac” ions are farther apart and do 
not collide as often. Therefore a larger fraction of the mole- 

cules must remain in the dissociated state. 

We can arrive at the same conclusion through an applica- 
tion of the Rule of Le Chatelier to this equilibrium (equa- 
tion 4). Let us assume that we have a 0.1 molar solution in 
which, according to our calculations, 1.35 percent of the total 
amount of acetic acid is in the form of H**" and Ac" ions. These 
ions and the remaining undissociated acetic acid molecules are 
in equilibrium with each other. Now let us add some water 
to the solution to make it more dilute. This imposes a stress 
upon the equilibrium which in turn shifts in such a way as to 
undo its effect. The original 0.1 molar solution contained a 
definite number of H+ and Ac" ions but when water was added 
for dilution, temporarily the number of particles (ions plus 
molecules) per unit of volume became less than that originally 
present. To undo the effect of the stress (the dilution m this 
case) more acetic acid molecules dissociate to produce more 
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ions, and since by dissociation one molecule produces two ions 
the net effect is to increase the total number of particles. Tlie 
reaction proceeds in such a way as partially to undo the effect 
of the dilution. The dissociation of the acetic acid does not 


continue until the concentration of the ions, expressed in moles 
per liter, is the same as in the original 0.1 molar solution, sin(*e 
equilibrium is reached before dissociation has proceeded lo 
such an extent. The removal of water from the solution 
would produce an opposite effect; and Ac” ions would 
combine to form acetic acid molecules. There would be a 
shift in the eciuilibrium to the left (equation 4). 

The Common Ion Effect. From a consideration of the 
RuIe~ot Le C hatelier we can predict that the effect of addin<^ 
either or Ac” ions to a solution of acetic a(‘id will be to 
shift the equilibrium in such a way as to decrease the amount 
of acid dissociated, i.e., to increase the amount of undissociated 
acid. From the Law of Chemical Eciuilibrium, which in fact 
is a more concise and exact form of tlie Rule of Le Chatelier, 
it is possible to calculate the extent to which the ecpiili'hriurn 
is shifted and to calculate the concentrations of the and 
Ac” ions present when either of the.se ions has been added in 
some form other than acetic acid. For example, let us calcu- 
late the concentration of the ion in a 0.1 molar solution of 
acetic acid when 0.1 mole of NaAc, sodium acetate, has l)een 
added to 1 liter of this same solution. Sodium acetate is a 


salt, a strong electrolyte, and is completely dissociated in this 
solution as well as in a solution made by adding it to pure 
water. The eciuilibrium is the same as that for the previous 
example except that the concentrations of the substances in- 
volved will be difTerent. Let X equal the number of moles of 
HAc per liter which has dissociated. (In this case X will 
not have the same value as it would for a solution containing 
only HAc at this concentration.) The concentration of the 
undissociated acid is then 0.1 - X. The dissociation of X moles 
of HAc produces X moles of H^ ions and X moles of Ac” ions, 
but the concentration of the Ac” ion is not the same as that of 
the H"*^ ion. In this case it is 0.1-1- X, since the sodium acetate 
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supplies 0.1 mole of Ac~ ions per liter and the acetic acid 
supplies X moles per liter. The value of X, the H+ ion con- 
centration, may now be calculated. 


(H+) (Ac-) 
(HAc) 


X(0.1 + X) 
(0.1 - X) 


= 1.85 X 10-5 


Again simplify the expression by considering X small as com- 
pared with 0.1. Then both 0.1 -I- X and 0.1 - X are practically 
equal to 0.1, and the equation becomes 


or 


(X)(0.1) 

( 0 . 1 ) 


1.85 X 10-5 


X = 1.85 X 10-5 



We see that X is small as compared with 0.1 and we were 
justified in neglecting it in those terms in which it was added 
to and subtracted from 0.1. 

The H'*' ion concentration in the acetic acid solution con- 
taining sodium acetate was found to be 1.85 X 10-5 M. In 
the pure acetic acid solution the H+ ion concentration was 
1.35 X 10-5 M, about 75 times larger. The dissociation of the 
HAc molecules was repressed by the addition of the common 

ion. 

In the same way we could calculate the concentration of 
the Ac— ion in a HAc solution to which H”*" ion has been added 
(as HCl, for example) and again we would find that under 
these conditions fewer HAc molecules dissociate. In other 
words, the addition of H+ ion shifts the equilibrium again to 

the left as shown in equation (4). 

The Law of Chemical Equilibrium Does Not Apply to 
Strong Acids. Hydrochloric and nitric are typical examples 
of strong acids. These electrolytes, like the majority of the 
salts, we regard as 100 percent ionized in solution. On the 
basis of the concept of complete ionization, the Law of Chemi- 
cal Equilibrium cannot be applied, for in such a case the con- 
centration of the undissociated acid would be zero and the 
value of the equilibrium constant, infinity. In a .01 molar 
solution of hydrochloric acid, for example, the concentrations 
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of the and Cl“ ions are botli .01 molar and that of the 
undissociated HCl molecules, zero. 


(H^)(C1-) 

(HCI) 


.01 X .01 

0 


= infinity * 



The Mass Law expression applies only to systems of sub- 
stances in equilibrium, and if no undissociated molecules of 
HCl exist, there can be no equilibrium involving this substance. 
However, HCl molecules were once regarded as existing in 
dilute solutions. As we have previously sliown, solutions of 
HCl liave a greater eciuivalent conductance the more dilute 
the solution. The fact that the more concentrated solutions 
do not show as high an ecpiivalent conductance as the dilute 
solutions was regarded as evidence that there are relatively 
fewer ions present in the more concentrated solutions; lienee, 
undissociated molecules were believed to exist. In a previous 
chapter it was shown that this decrease of conductance in the 
more concentrated solutions was due rather to a “drag-effect.’^ 

Following the older views for the moment, we shall tenta- 
tively regard hydrochloric acid as only partially dissociated. 
From conductance data together with this assumption we (*an 
calculate the fractional number of apparently undissociated 
and dissociated HC'l molecules as well as the values for the 
apparent “dissociation constant” of hydrochloric acid at dif- 
ferent cotK'cntrations. Table 16 gives the apparent “dissocia- 
tion constants” of hydrochloric acid so calculated. 

Passing from 0.2 molar to .001 molar the value of the dis- 
sociation constant so calculated varies more than tenfold. The 
same trend in the \’alue of the eciuilibriuin (‘onstant with 
varying concentration is obtained in the case of all other stron 
electrolytes. If we now compare these values with those 
obtained for acetic acid, which obeys the I.aw of Mass Action, 

we note a striking difference in the behavior of the two acids 
(Table 17). 


(r 

r> 


* Any finite numh(*r divided f>y zero (Hjuals infinity. 
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Table 16 

Apparent Dissociation Constants of Hydrochloric Acid 

(Assuming Incomplete Ionization) 


Concentration 
(Moles per Liter) 

(H+) (C1-) 
(HCl) 

0.200 

1.56 

0.100 

1.05 

0.050 

0.73 

0.020 

0.45 

0.010 

0.32 

0.005 

0.23 

0.002 

0.15 

0.001 

0.12 


Table 17 

Dissociation Constants of Acetic Acid 
(Experimentally Determined from Conductance Data) 


Concentration ^ ^ (H'*')(Ac ) 

(JMoles per Liter) (HAc) 


0.07369 

0.0000185 

0.03685 

0.0000186 

0.01842 

0.0000185 

0.00921 

0.0000186 

0.00461 

0.0000186 

0.00230 

0.0000186 

0.00115 

0.0000186 

0.00057 

0.0000186 


In the case of acetic acid the constant has the same value 
well within 1 percent for a large range of concentrations. 
The lack of conformity of the strong acids and other strong 
electrolytes to the Law of Chemical Equilibrium was one of 
the chief arguments for abandoning the theory of incomplete 
dissociation for the.se substances and for adopting, instead, 
the theory of complete dissociation for all strong electrolytes. 
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The Extent of Ionization of JTeak Acids. eak acids 
differ considerably in their ability to ionize; the weaker acid, 
by definition, has a smaller tendency to dissociate. The 
ionization constant of an acid is of course a quantitative meas- 
ure of this tendency. An acid with a very small constant has 

^ * 

a small tendency to ionize while one with a relati\'ely larj^e 
constant ionizes to a larger extent. The following table shows 
a few typical weak acids together with their ionization con- 
stants at room temperature, and the percent of ionization of 
their 0.1 molar aqueous solutions. 

Tahle 18 


Typical Weak Acids, Their Ionization Constants 

AND Extent of Ionization 


Acid 

Percent Ionization of 

0. 1 Molar Solution 

K (Ionization 
Co!istant) 

Dichloracetic 

52 

5.5 X 10-’ 

Salicj'lic 

10 

1.1 X 10-3 

Nitrous 

(ho 

4.5 X 10”^ 

Acetic 

1.36 

1.85 X 10-5 

Hydrocyanic 

0.0065 

4.0 X lO-*'^ 

Phenol 

0.003 

1.0 X io-i» 


The extreme variation among weak acids in the ability to 
ionize is well illustrated by this table; the extent of ioniza- 
tion of their 0.1 molar solutions varies from 52 percent for 
dichloracetic acid to .003 percent for phenol (carbolic acid). 

The question which naturally arises is: When is an acid to 
be regarded as a weak acid and when a strong acid? Ar- 
bitrarily, we may answer this question in a simple way. An 
acid may be regarded as belonging to the weak class if its 
dilute solutions obey the Law of Mass Action. Such aciiis as 
hydrochloric, sulfuric and nitric are without question to be 
regarded as strong acids (100 percent ionized). When we 
search furthei for the reason that some acids are weak and 
some are strong, we find ourselves inquiring into the electronic 
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structures or make-up of the molecules in question. The 
problem is a very comphcated one which involves not only 
the tendencies of the different molecules to hold fast their 
dissociable hydrogen ions but also the tendency of surround- 
ing water molecules to hold the dissociation products (hydrogen 
ions and negative ions) and thus aid the dissociation process. 
As we have pointed out before ions in solution do not exist 
independently in the condition indicated by their formulae 
but are surrounded by and attached, more or less firmly, to 
water molecules. 

All Substances in the Same Solution Must Be in 
Equilibrium. When two or more weak acids, or in fact any 
weak electrolj’tes, are present in the same solution, they must 
all be in equilibrium with their respective ions. For example, 
if a solution contains both acetic and hydrocyanic acids, the 
following equilibria must be maintained: 

HAc = H+ + Ac- (9) 

HCN = H+ -H CN- (10) 

In this case the hydrogen ion is common to the two equilibria 
and since it exists in the same solution it must have only one 
concentration. The acetic acid ionizes to a larger extent than 
the hj'drocyanic acid and produces more hydrogen ions, but 
this excess concentration of hydrogen ion represses the ioni- 
zation of hydrocyanic acid and in this solution the latter is 
ionized to a smaller extent than it is when it exists alone in 
water solution. But the hydrocj^anic acid also ionizes to a 
small extent to produce some hydrogen ions. For this reason 
the acetic acid is likewise ionized to a slightly smaller extent 
than it is in pure water. The common hydrogen ion represses 
the ionization of both acids in such a mixed solution. The 
calculation of the concentration of the hydrogen ion in a mixed 
solution (0.1 molar with respect to both acetic acid and hy- 
drocyanic acid) becomes slightly more complicated than the 
simpler case of one acid, due to the necessity of solving simul- 

taneous equations. 

Some acids dissociate in two or more steps. Carbonic acid, 
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H 2 CO 3 , is an example of this type. The first step of the dis- 
sociation of this acid results in the formation of the bicarbonate 
ion, HCO3”, and ion in accordance with the eciuaiion 

HoC03= H+4-HCO3- (11) 

The second step consists of the dissociation of the bicarbonate 
ion: 

HC03-= H- + CO 3 -- ( 12 ) 

In any solution containing carbonic acid, both these acids 
(H 2 CO 3 and HCOs') are present and, like a mixed solution 
of acids, they are in complete eciuilibrium with each other 
and their common hydrogen ion. A fuller treatment of such 
acids will be considered in Chapter 9. 

n eak Bases. Equilibria involving weak bases mav be 
treated in the same manner as was done al)ove in tlie case of 
weak acids with the exception, of course, that tiie bases dis- 
sociate to give hydroxide ions, OH~, in solution. 


Table 19 


Ionization Constants of Some Weak Bases 


Base 

Percent Ionization 
in 0. 1 Molar 
Solution 

K (Ionization 
Constant) 

Methyl ammonium h^’droxide 

7.0 

5.0 X 10-* 

Ammonium hvdroxide 

1.3 

1.8 X 10-5 

Hydrazine hydroxide 

0.003 

9.8 X 10-’ 

Phenyl ammonium hydroxide 

0.0007 

4.0 X 10-*o 


The number of common weak bases is far smaller than that 
of the weak acids. The most common weak base is ammonium 
hj'droxide, NH^OH. This base is about as weak a base as 
acetic acid is a weak acid; the ionization constants are practi- 
cally the same for the two substances. A few examples of weak 
bases appear in the table above; others together with their 
ionization comstants are listed in the Appendix. 

Just as ammonium hydroxide is known only in solution and 
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not in the pure state, so methyl ammonium hydroxide and 
phenyl ammonium hydroxide are known only in solution. In 
the pure state these substances are known as methyl amine, 
CH3NH2, and phenyl amine, C6HbNH2 (aniline), respectively. 
They are the analogues of ammonia with one hydrogen atom 
replaced by a methyl or phenyl group, and like ammonia, 
NH3, they take up water in solution to form the hydroxide. 

Indicators. Certain natural and synthetic colored sub- 
stances have the property of either changing color or becoming 
colorless in dilute solution when the hydrogen ion concentra- 
tion in the solution attains a definite and fixed value. Phenol- 
phthalein, for example, is a colorless substance in any solution 
for w'hich the hydrogen ion concentration is greater than 10"* 
mole per liter. In solutions for which the hydrogen ion con- 
centration is less than this value the phenolphthalein imparts 
a red or pink color to the solution. Methyl violet in solution 
is green when the hydrogen ion concentration is greater than 
10"* mole per liter, blue for hydrogen ion concentrations of 
10"* to 10"* mole per liter and violet for solutions for which 
the hydrogen ion concentration is less than lO"® mole per liter. 
A great number of such substances are known and enough can 
be selected so that the hydrogen ion concentration can be 
determined somewhat roughly over a wide range of concen- 
tration. The table of indicators on page 137 gives such a 
series, together with their colors for corresponding hydrogen 

ion concentrations.* 

Litmus, one of the first known of the indicators, changes 
from blue to red when the hydrogen ion concentration be- 
comes greater than 10"* molar. The change is so gradual that 
it is not entirely red until the solution has a hydrogen ion 
concentration greater than 10"* molar. Accordingly, litmus 
is a poor indicator for determining the hydrogen ion concen- 

tration of a solution. 


* In all water solutions there is a definite relationship between the hydrogen 
ion and hydroxide ion concentrations. This relationship, which becomes evi- 
dent from I study of the first two rows of the table, is treated fully m Chapter 

on hydrolysis. 
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In determining the hydrogen ion concentration of any solu- 
tion, a number of indicators must be used and by a process of 
elimination the hydrogen ion concentration can be fixed within 
rather narrow limits. For finer work the color of the indicator 
in the unknown solution should be compared with its color in 
some solution for which the hydrogen ion concentration is 
known. Such solutions can be made by mixing known quan- 
tities of acids and their salts for which the hydrogen ion con- 
centrations have been determined by other methods. The 
usual method of originally determining the hydrogen ion con- 
centration of a standard solution employs the hydrogen 
electrode. This method cannot be discussed in this course. 
It is usually treated more fully in courses in quantitative 
analysis and in ph^^sical chemistry. 

Indicators are generally considered as weak acids or weak 
bases, with the color of the indicator ion different from that 
of the undissociated compound. The general equation for 
the dissociation of an indicator acting as an acid is 

Ind = Ind“ + (13) 


With methyl orange, for example, the unionized acid (Ind) 
is red and the ion (Ind“) is yellow. The dissociation constant 
for this indicator is equal to 2 X 10“^ 


(Ind-)(H+) 

(Ind) 



2 X 10-^ 



When the undissociated acid form and the ion form of the 
indicator are present in equal amounts (Ind = Ind ), it is ap- 
parent that the H+ concentration equals the i^md* 

pH Values. For convenience the hydrogen ion concentra- 
tion is often expressed in terms of pH values. The pH value 
of a solution is defined as the logarithm of the reciprocal of the 
hydrogen ion concentration. In other words. 


pH = log 



The pH value of a solution for which the h 3 'drogen ion 
concentration is 10”^ M, for example, is 4; the pH for a solution 
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whose hydrogen ion concentration is 10“® M is 9, etc. For a 
fuller treatment of this quantity the student is referred to the 
paragraphs on exponential numbers, logarithms and />H values 
in the Appendix. 

pK f aiaes. Just as it is often convenient to express tlie 
hydrogen ion concentration ]>y pH values, it may also be 
desirable in some cases to express equilibrium constants by 
pK values. The pK for any equilibrium is defined as the 
logarithm, to the base 10, of the reciprocal of the equilibrium 
constant. 

1 


pK = log 


K 


( 10 ) 


Since 


log 


1 


eq 


K 


= - lofj; A' 


eq 


pK = — log K 


eq 


Thus, for example, the pK for the equilibrium 

HAc = H+ -h Ac“ 

is e(iual to - log Kj. The equilibrium constant for this reaction 
is e(iual to l.So X Therefore log A, = log 1.S5 + log 

= 0.27 - 5 == - 4.73; pK = - (- 4.73) = 4.73. 

Tlie eciuilibrium constants given in the tables in the Appen- 
dix following the text are expressed in two ways. In the last 
column the value of the constant is given as a purelv ex- 
ponential number. The pK is the negative value of the e.x- 
ponent of this exponential number. The equilibrium constant 

for HCN, for example, is The pK value for HCN is 

therefore 9.4. 

Any equilibrium constant can be expressed in this manner. 

1 he Br0nsted Definitions of Acids and Bases, In the 
Br0nsted system, acids and l)a.^es are defined in broader and 
more general terms than was commonly done in the past. 
Ihe older established definitions restricted an acid to a sub- 
stance producing hydrogen ions, and a base to a substance 
producing hydroxide ions in water solution. But it is well rec- 
ognized that many substances other than hydroxides behave like 
bases in that they produce basic solutions and react with acids* 
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sodium carbonate for example. Furthermore, when solvents 
other than water are taken into consideration the number of 
substances which act hke hydroxides in water solution increases 
greatly. The Brpnsted definitions are so general that they 
include as bases all substances which combine with hydrogen 
ions not only in water solution but in all solvents. The defini- 
tion of an acid is not greatly different from that previously 

used. 

An acid is defined as any substance in ionic or molecular 
form, which produces or donates protons (H+), while a base is 
any substance which accepts or acquires protons. We shall con- 
sider these definitions from the standpoint of the equilibrium 
existing between the proton donor and the proton acceptor, 
i.e., between the acid and the base. Since the equilibrium 
reactions are reversible neither an acid nor a base is considered 
separately; when an acid dissociates or transfers protons it 
produces a base and when a base accepts protons an acid is 
formed. This perhaps may be better expressed by the equa- 
tion 

Acid = H+ + Base (B) 

The acid produces protons (left to right) and the base acquires 
protons (right to left). 

Since our consideration of acids and bases is to be restricted 
very largely to water solutions, let us consider the equilibrium 
existing between the proton, water, and the hydronium ion. 
This relationship is expressed by the equation 

H3O+ = H+ + H2O (18) 

Here H3O+, hydronium ion, is the acid (proton donor) and 
HoO is the base (proton acceptor). This equilibrium is con- 
sidered as being very largely in favor of H3O+, i.e., the con- 
centration of free protons is very small ; almost all of them are 
attached to water molecules. Accordingly, the hydrogen ion 
in solution is symbolized by H3O+ and not by H+. In the older 
established definitions all forms of the hydrogen ion, H , 
H3O+ and higher hydrates are represented as a group by the 
svmbol H+ and the equilibrium as expressed in equation (18) 


f 


The Br^nsfed Definitions of Acids and Boses 1 41 

is never considered explicitly because it is recognized that the 
protons exist very largely in the hydrated form. 

According to these definitions the ammonium ion is an acid. 

NH,+ = H+4-NH3 (19) 

In this case ammonia, NH3, is the base. However, if tliis 
reaction takes place in water solution the protons formed at- 
tach themselves to water molecules to form h^'dronium ions 
and the complete reaction is 

NH4+ + H,0 = H3O+ + NH3 (20) 

Acidi Basct Acidt Bosei 

In effect the proton is merely transferred from the XH4+ ion 
to the water molecule and nee versa. The NH4''' and the H3O+ 
ions are acids and H2O and NH3 are bases. The process is that 
of neutralization, with the salt formation not emphasized by 
the eejuation representing it. In this reaction, the two bases 
NHs and H^O are competing for protons, with the XH3 having 
the greater tendency to acquire them. 

Water itself may act as an acid as well as a base. 

H2O = H+ + OH- (21) 

In this case water is the acid molecule and the OH“ ion is the 
base. Again, this does not represent the complete reaction 
for according to reaction (18) the protons combine with water 
molecules. The reaction is rather represented b3' the equation 

H2O + H2O - H3O+ + OH- (22) 

Acidi Bases Acids Basei 

In the complete reaction water acts both as an acid and as 
a base. It should be borne in mind that the OH” ion is also 

1^3 ^Ira^tic^fx is not expressed in tlie formula. 
Hydration or combination with water is only expressed in the 
formulae for the hydrogen ion and for amphoteric substances 
some of which will be considered in a later chapter. 

The fact that HCl in the pure .state is virtually a non- 
conductor while its water solution shows a high conductivity 
is not as easily expressed in terms of the established definitions 
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as it is with the newer definitions. Pure HCI, a liquid with a 
boiling point of —83^^ C., dissociates into protons and chloride 
ions. The equation for this equilibrium is 

HCI - H+ + Cl- (23) 

Both the proton and the chloride ion are probably solvated,” 
i.e., joined to HCI molecules. In fact we might reason by 
analogy that the formula of the hydrogen ion is really H 2 C 1 ‘^. 
On the basis of the Brpnsted definitions we then can write the 
reaction as 

HCI + HCI = H 2 CI+ + Cl- (24) 

Acidi Baaej Acids Basei 

The reaction which takes place when pure HCI is added to 
water may be represented by 

HCI + H 2 O = HaO-^ + Cl- (25) 

Acidi Bases Acids Basei 

In this case the hydrogen ion is present as HaO"^ while in pure 
HCI it is present as H 2 C 1 "*". The Cl' ions are also different in 
the two cases but the difference is not indicated in the formula. 
It is apparent that HCI in the pure state and HCI in water 
solution are different but there is no a 'priori reason based on 
these definitions alone which tells us that the conductivit}' is 
very low in pure HCI, i.e., that the equilibrium in equation 
(24) lies largely in the direction of undissociated HCI, while in 
water it lies in the direction of the dissociated form (to the 
right in equation 25). By the older definitions both cases are 
represented by equation (23) ; the difference between the two 
cases is implied and left more to the imagination or to the 
visualization of the experimental conditions. 

Systems such as those expressed by equation (25) are known 
as conjugated acid-base systems. Basei is the base of Acidi and 
Base 2 is the base of Acid 2 . A weak acid such as HAc in water 
solution, as indicated in the following equation, is also a part of 
a conjugated acid-base equilibrium S 3 'Stem. 

HAc -h HoO = H 3 O+ + Ac- 

Acidi Bashes Acid* Basei 


( 26 ) 
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The new base indicated here is the Ac” ion. It conforms in 
its properties with tlie definition of a base, that is, it shows a 
tendency to combine with the proton to produce the HAc 
molecule. 

An acid which has a great tendency to donate protons is 
known as a strong acid while a base which has a great tendency 
to accept protons is a strong l)ase. Acetate ion is a strong base 
and acetic acid is therefore a weak acid. Cldoride ion in water 
solution is a very weak base; in fact it is so weak that in dilute 
solution it is no base at all, and therefore HCl in water solu- 
tion is a very strong acid. In j)ure HCl, however, chloride ion 
is a strong base and HCl is a weak acid. 

The ionization of a number of acids in water solution mav 
be represented l)y the following eejuations. The order is given 


decreasing strengtli 

1 of the 

acid. 




Acidi 


Base; 

Acidi 


Basel 


HSOr 

-f 

H.O 

= H 3 O+ 

+ 

SO 4 - - 

(27> 

H 3 PO 4 

+ 

H. 3 O 

= H 3 O+ 


H 3 PO 4 

(2S) 

HNO,. 

+ 

H.O 

= H 3 O+ 

+ 

NO.- 

(29> 

HCNO 


H,0 

= H 3 O+ 

+ 

CNO- 

(30) 

H,C03 

+ 

H.O 

= H 3 O+ 

4- 

HCO 3 - 

(31> 

H,S 

+ 

H 2 O 

= H 3 O+ 

+ 

HS- 

(32> 

H,P04- 

+ 

H.O 

= H 3 O+ 

+ 

HPO 4 - 

(33) 

HCN 

+ 

H.O 

= H 3 O+ 

4- 

CN- 

(34) 

HC()3- 

+ 

H./) 

= H 3 O+ 

4- 

CO 3 — 

(3.-,; 

HP 04 - 

” + 

H,0 

= HaO^ 

4- 

PO 4 — 

(3()) 

HS- 

-f 

H,0 

= H 3 O+ 

+ 


(37) 

For strong acids, 

all of 

which are 

practically 

completely 

nized in water 

solution, the following examples are cited. 

Acidi 



Acidi 


Basel 


H.)S04 

+ 

H. 3 O 

= H 3 O+ 

4- 

HSO 4 - 

(38) 

HN 03 

+ 

H.,0 

= H 3 O+ 

4' 

NO 3 - 

(39) 

HCl 

+ 

H 2 O 

= H 3 O+ 

4- 

ci- 

(40) 


All of the anions designated as Basei are to be regarded as 
bases. These are merely representative of a much larger 
number of anions which behave as bases in that thev all sliow 
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a tendency to acquire the proton. Of this group of anions, the 
HS 04 “, NO 3 ", and CI“ ions certainly show little if any tendency 
to acquire the proton. According to the older definitions we 
have already classified the corresponding acids, H2SO4, HNO3, 
and HCl as strong and 100 percent ionized. How then can 
the anions of these acids be called bases? In water solution 
these acids are practically completely ionized, but in the pure 
state as liquids these acids show very little ionization. If we 
consider the reaction of Cl“ ion with the hydronium ion to 
form HCl gas or liquid, then there is some justification for 
calling the Cl~ ion a base. 

Returning to equation (26), we may write the equilibrium 
expression as 


(H30+)(Ac-) „ 3 

(HAc)(H20) 



The concentration of the water in the denominator remains 
practically constant during the course of any reaction since 
the water is either produced or consumed in amounts which 
are negligible compared to the total amount of water present. 
We may consider this value as constant and include it in the 
value for the equilibrium constant. It is therefore omitted 
from the expression which may now be written. 


(H 30 ^)(Ac-) 

(HAc) 


^ K, = 1.85 X 10-" 



The symbol for the hydronium ion, H 3 O+, is merely a symbol 
for expressing the same particle in solution as is denoted by 
the simpler symbol, H+. We may use any symbols we choose 
for designating particles in solution, but it is evident that the 
value for the equilibrium constant is independent of our method 
of naming the particles participating in the equilibrium. Ac- 
cordingly, of equation (42) has the same value as that 
given in the older established system, namely, 1.85 X 10“^ 

On the basis of the older definitions we have termed NH 4 OH 
a weak base since it ionizes only slightly to produce NH 4 '*' and 
OH“ ions. The equilibrium in solution is one which involves 
all three particles, the NH 4 + and OH” ions, and NH 4 OH mole- 
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cules. When NH 3 gas is passed into water the following 
equilibria are considered. 

NH3 + H.O = NH,OH = NH4+ + OH- ( 43 ) 

Whether NH4OH molecules actually exist in solution we do 
not know, and as a matter of fact it makes no ditTerence whether 
we consider the solution as one composed of NH 3 molecules, 
NH4OH molecules, or both, since the equilibria are independent 
of our method of naming the particles. 

Suppose we omit the intermediate NH4OH molecule from 
our equation. We then have 

NH3 + H ,0 = NH4^ + OH- ( 44 ) 

Basci Acidi Acidi Bascj 

In applying our definitions of acids and bases, we see the NH 3 
is a base since it combines with the proton to give XH 4 '*' ion. 
This reaction can be considered as taking place in two steps, 
as can the other similar foregoing reactions. 


H,0 = H+ + OH- (45) 

and 

NH 3 + H^ = XH 4 + (4G) 

The HoO gives up H+ ions which are then taken up by the XH3 
molecules. By adding equations (45) and (46), equation (44) 
is obtained. 

The equilibrium expression for equation (44) is 


(XH4+)(0H-) 3 

(XH 3 ) 


1.8 X 10-" 



"liiis expression is the same as we obtain when the ammonia 
in water is considered to be ammonium hydroxide, XH4OH. 
The two substances, XH3 and XH4OH, are one and the same; 
diiterent symbols are used to designate them. 

In ecjuation (44) the reaction is one in which the two bases 
XH 3 and OH- ion are competing with each other for the proton. 
At eciuilibrium the reaction will predominate either to the left 
or to the right depending upon whether the OH” ion or the 
XH 3 molecule is the stronger base, that is, whether the OH" 
ion or the ammonia molecule holds the proton more firmly. 
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On the basis of the proton transfer concept of acids and bases, 
it is apparent that the term ^^salt” is of little significance, 
since the ions of most salts may be considered either as acids 
or bases. These ions will either lose protons or acquire pro- 
tons, and these two processes are all that is essential to conform 
to the definitions of acids and bases. Practically all negative 
ions may be considered as bases since they combine with pro- 
tons. Many positive ions are acids in that they will give up 
protons but, on the other hand, most positive ions do not show 
this tendency to any marked degree. If a metallic ion is to 
be regarded as an acid it is apparent that its formula must 
include protons which it can donate. Therefore for this pur- 
pose the S3^mbol for the hydrated form of the ion is used. Such 
cases will be presented later. 

In the following chapters of this text we shall retain the 
established definitions of acids and bases, except in those sec- 
tions in which we deal explicitly with the Br0nsted definitions. 


Examples of Problems 

Example 1. 

Calculate the (H+) in a 0.1 molar HCXO solution. What is the de- 
gree of ionization of cj-^anic acid in this same solution? /Ci = 2 X 10“^. 

HCNO = + CNO- 

The concentration (0,1 molar) given for HCNO is that for the 
total HCNO in solution, both dissociated and undissociated. 

Let (H+) = X 

(CNO") must also be X in this case, for as many CNO” as H+ ions 
are formed by the dissociation process. 

(HCNO) = 0.1 - X 

Substituting these values in the equilibrium expression, we have 

(H^)(CNO-) ^ ^ 

(HCNO) 0.1 -X 

By inspection of this equation we see that X is relatively small 
as compared with 0.1, therefore for all practical purposes 

0-1 - X === 0.1 
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Then 


X^- 


X-’ 


= 2 X 10-' 


0.1 -X 0.1 

X- = 2 X 10-^ = 20 X 10-® 

X = 4.5 X 10-^ 

A' = .0045 mole per liter = = (CXQ-) 

From the value of X so obtained we can readily see that we were 
justified in ncf'iecting A" as compared with 0. 1. for 0 . 1 — .0045 = .0055, 

which is near enough to 0.1 that, for the purpose of our expected 
accuracy, it maj' be neglected. If we solve tlie e(iuation 


•-. = 2 X 10 


-4 


0. 1 - X 

by the use of the quadratic s()luti{)n (see Appendix), we obtain a 

\'alue for A of .0044 mole pei' liter. This again shows the justifica- 
tion for the simple solution. 

d'he degree of ionization is the fractional number of molecules 
dissociated, or the amount per liter of the dissociated weak elec- 
trolyte divided by the total concentration (both dissociated and 
undissociated). Since, in this particular e.xample, the concentra- 
tion of II^ and CX()- is 4.5 X lO'-'* mole per liter, the amount of 
the dissociated IICXO has tliis same value, for 4.5 X mole of 

IICXO gives 4.5 X 10-^ mole of IF and 4.5 X 10-^ mole of CX()- 
upon dissociation. 

Degree of dissociation = ' = 4 5 x IQ-- or 4.5 percent. 

Example 2 

In a 0.1 molar solution of a hypothetical acid, HA, the degree 

of dissociation is .025. Calculate the ionization constant for the 
acid HA. 

HA = IF + A- 

Concentration of dissociated HA 


.025 = 


(H^) 

0.1 


Total HA 


(H+) = 0.1 X .025 = .0025 = (A-) 
The ionization constant = 


(HA) 

= X h )-'* X 2.5 X 10-3 

-0975 

Ah - 6.4 X 10-^ 
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Example 3. 

(a) What is the concentration of the H"*" in a solution containing 
0.1 mole per liter HCNO and 0.1 mole NaCNO per liter? 

HCNO = H+ + CNO- 


NaCNO is completely ionized, so it contributes 0.1 mole CNO" 
per liter. Let X equal the number of moles per liter of HCNO 
dissociated, which also equals (H+). (CNO“) will be 0.1 X and 
the (HCNO) undissociated, 0.1 — X. 



10 -^ = 


(H+)(CNO-) 

(HCNO) 

X(0.1 +X) 
(0.1 - X) 


Neglecting X in comparison with 0.1, we have 

( 0.1 + X ) « 0.1 

(0.1 - X) « 0.1 

Then ^0^ ^ ^ ^ 

X = 2 X 10“^ mole per liter = (H+) 


(b) What is the degree of ionization of the HCNO in this solution? 
The degree of ionization is the fractional number of molecules 
ionized. This is equivalent to the concentration of the hydrogen ion 
divided by the total concentration of HCNO present, both in the 
form of ions and unionized molecules. 


Degree of ionization = 


2 X 10-^ 

0.1 


= .002 


The percent of ionization = .002 X 100 == 0.2. 

Thus, 0.2 percent of the HCNO is present in solution as H"^ and 

CNO" ions. 


Example 4- 

If 100 ml. of 0.1 M NH4CI solution are added to 150 ml. of 0.1 M 
NH4OH solution, what is the OH" ion concentration in the resulting 

solution? Xi(NH 40 H) = 1.8 X 10-^ 

The concentration of the NH 4 + ion is the same as it would be if 

the 100 ml. of 0.1 M NH4CI solution were diluted to 250 ml. by add- 
ing water, so the (NH 4 '*') from the NH^Cl = 0.1 X = .04 M. 

The concentration of the NH4OH is the same as it would be if 
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the 150 ml. of 0.1 M NH^OH solution were diluted to 250 ml. by 
water, so the total NH4OH concentration is 0.1 X = .06 il/. 

Substances in solution; XH4OH = + OH" 

Concentrations: .06 - A' .04 + A" A" 


(XH4+)(0H-) (.04-hX)X 

(XH4OH) (.06 - A') 


1.8 X 10-^ 


Xegiecting X as compared with .04 and .06, 


(.04)A 

(.06) 


1.8 X 10-» 



.06 

.04 


X 1.8 X 10-^ = 2.7 X 10“^ M 


i.e., (OH-) = 2.7 X 10"^ M 

Example o. 

If 0.1 mole solid XaOH is added to 1 liter of 0.125 M HAc solution, 
\\ hat is the final H concentration? (Assume no volume change.) 

O.l mole XaOH neutralizes 0.1 mole HAc to form 0.1 mole XaAc 
and leaves .025 mole HAc not neutralized in the one liter. The solu- 
tion now is 0.1 M with respect to XaAc and .025 M with respect to 
HAc. 


Suixstances in solution; 
Concentrations: 


PIAc = H+ -f- Ac" 
.025 -A^ A 0.1 + A 


(H+)(Ac-) XiOA + A) 


= 1.85 X 10-5 


(HAc) (.025- A) 

Xegiecting A as compared with 0.1 and with .025, 

X{().\) , ^ 

=1.80x10- 

V ( 020) . 

A' = 0.40 X 10- = 4.6 X 10- .1/ i.e., (H+) = 4.6 X 10- M 

ExampW 6. 

100 mK of 0.1 il/-XaOH is added to 150 ml. 0.2 M HAc. Calculate 
the final H+ concentration. 

Before reaction, 100 ml. 0.1 M XaOH contains .01 mole XaOH 
Before reaction, 1.50 ml. 0.2 M HAc contains .03 mole HAc 
.01 mole NaOH neutralizes .01 mole HAc, producing .01 mole 
NaAc in solution and leaving .02 mole HAc not neutralized. 
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.Aiter reaction, the .01 mole NaAc and .02 mole HAc are contained 
in 250 ml. solution, so the concentrations are .04 M and .08 M re- 
spectively. 

Substances in solution: HAc = H"*" + Ac” 

Concentrations: .08 — A X .04 + X 


(H^)(Ac-) 

(HAc) 


X(M -i- X) 
(.08 - X) 


= 1.85X 10“® 


Neglecting the X's in the terms (.04 + X) and (.08 — X), 


X(.04) 

(.08) 


- 1.85 X 10-5 


X = X 1.85 X 10-5 
X = (H+) = 3.7 X 10-* M 

Example 7. 

Calculate the pH for a .01 M HCN solution. 


X(hcn) — 4 X 10 


-10 


First calculate the (H"*’). 
Substances in solution : 
Concentrations : 


HCN - 
01 - X 


H+ -}- CN- 
X X 


(H+)(CN-) X^ 
(HCN) .01 - A" 

Neglecting X in the denominator, 


= 4 X 10-1° 


X2 

.01 


= 4 X 10 


-10 


X2 = 4 X 10-12 
X = 2 X 10-5 M = (H+) 

pH = log = - log (H+) 

log (H+) = log (2.0 X 10"°) = log 2,0 + log 10“° 

log 2.0 = 0.3 
log 10“° = - 6 

log (H+) - log (2.0 X 10“°) = 0.3 - 6 = - 5.7 
pH = — log (H+) = — (- 0.7) = 5.7 

(See also mathematical operations in the Appendix.) 
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Example 8. 

The pH of a solution is C.38. What is the concentration of the 
hydrogen ion in this solution? 

pH = - log (H+) = 6.38 = - (- 6.38) 
log (H+) = - 6.38 = - 6.00 + (- 0.38) 
log (H+) = - 7.00 + 0.62 
antilog of — 7 = 10“^ 
antilog 0.62 = 4.17 

(H+) = 4.17X 10-^ .1/ 

Example 9. 

What is the concentration of a HCX solution which is 0.2 percent 
ionized? 

HCX = H+ 4- CX- 


Let O' = the degree of ionization = 
HCX concentration. Therefore 



where C is the total 


(H+) = CXa 
(CX-) = (H+) = CXa 
(HCX) = C(i - a) 


(H+)(CX-) 

(HCX) 


= Ki = 4 X 10-*® 


Ca X Ca CW- Ca- 

C(1 - a) “ C(1 - a) " - 4 X 10 ‘0 


C X (.002)" _ C X 4 X 10-6 
1 - .002 0.998 


4 X 10-*® 



4 X 10-*® X 0.998 
4 X 10-6 


10-^ M HCX 


Example 10. 

A 0.2 M HCN solution is found to have a (H+) of 1 x lO”® j/. 
Calculate the (CN-) necessary to maintain this (H-*-). 


HCN = H+ + CX- 


(H+)(CN-) 

(HCX) 


= /Cl = 4 X 10-*® 


At equilibrium, the (HCX) has a value of 0.2 — .000001 or 0.2 M 
while the (H+) is maintained at 1 X 10-® M. Then 
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(H+)(CN-) ^ 1 X lO^(CN-) _ 

(HCN) 0.2 

(CN-) = = 8 X 10-^ M 


Questions and Problems* 


1 . Will 0.1 mole of a weak acid in solution require more, less or 
the same amount of sodium hydroxide solution to neutralize it as 
0.1 mole of a strong acid? Explain. 

2. Is the percentage of molecules of HAc which are dissociated in 
a .001 M solution smaller, greater or the same as in a .01 71/ 
solution? 

3. Considering HAc and its ions to be in a state of equilibrium, 

HAc = H+ + Ac- 


how can this equilibrium be shifted to the left and how to the 
right? 

4. How does the application of the Law of Mass Action help support 
the theory of complete dissociation of strong electrolytes? 

5. Which two indicators would 3 mu use to show that the hydrogen 
ion concentration in a given solution is less than 10“^ molar 
but greater than 10”^ molar? 

6- Rewrite equations (1), (2), (3), (6), (9), (10), (11), and (12) of 
this chapter in terms of the Brpnsted definitions. 

7. What pH values correspond to the following H+ ion concentra- 
tions: 


(a) 10-® (b) 10-® (c) 10-> (d) IQ-^-^s (e) 

8. What is the concentration of the H"*" ion in moles per liter in 
each of the following solutions? 


(a) 0.1 M CHaCOOH (HAc) 

(b) 0.01 M CHaCOOH (HAc) 

(c) 1 M CHaCOOH (HAc) 

(d) 0.05 M HCN 

(e) 0.01 M HNOo 


(f) 0.02 M HCNO 

(g) 0.001 M HNa 

(h) 0.08 M CICH 2 COOH 

(i) 0.004 M HCN 

(j) 0.0001 M CeHsCOOH 


Use quadratic equation for ( 0 ) and (j) (see Appendix). 

9. Calculate the concentration of the OH' ion in solutions of the 
following: 


* Values for dissociation constants are given in the Appendix. 
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(a) 1 M NH 4 OH 

(b) 0.1 M XH 4 OH 

(c) 0.01 M XH 4 OH 

(d) 0.001 M XH.OH 

(e) 0.04 M XH 4 ()H 


(f) 0.01 .1/ CH,XII;iOH 

(g) 0.2 M (C’lI^loXII.OIl 

(h) 0.1 M (\.H,XH,()H 

(i) 0.002 4/ CVJloXII.OH 


10. Solutions of the following weak acids and bases are ionized as 
indicated. Calculate the ionization constant in each case. 


Solution Perc('nt Ionized 


(a) 0.1 M CH.COOH (HAc) 

1.35 

(b) 0.01 A/ CH/'OOH 

4.20 

(c) 0.1 A/ XH.OH 

1.33 

(d) 0.01 A/ XhCOH 

4.15 

(e) 0.1 A/ HXO, 

6.5 

(f) 0.1 M HCX 

0.0065 

(g) 0.005 M HC'N 

0.029 


11 . Two grams of HAc are dissolved in 1 liter of water. Calculate 
the concentration of the ion and the Ac’ ion. 

12 . To the above sohition (problem 1 1 ) 2 g. of XaAc are added. Xow 
what is the concentration of the and Ac~ ions? 

13 . Calculate the degree of ionization of the solutes in the following 
afpieous solutions: 

(a) 0.1 4/ IIXO, (d) 0.02 M XITOIl 

(b) 0.01 M HCX (e) 0.08 4/ C]l,Xn,OH 

(c) 0.05 M HAc 


14 . 


15 . 


16 . 


17 . 


If the 11+ concentration of a solution which contains O.I mole 
of HAc and a certain amount of XaAc i)er liter is .000025 A/, 
what must be the concentration of the Ac~ ion? 

It is desired to make the concentration of the H+ ion 
3.5 X 10 A/ in a .05 A/ solution of HCX. This can be accom- 
plished hy the addition of KCX. What must be the concentra- 
tion of the C'X“ ion in such a solution? 

A 0.1 A/ solution of XH 4 OH, also containing some XH 4 CI, is 

iound to have an OH” ion concentration of 0.25 X 10“'^ A/. What 

is the concentration of the XIH^ ion in this .solution'.^ ^ 

How many moles of Xlh^Cl must be added to 1 liter of a 0 1 M 

solution of XII, OH to make the OH- ion concentration 
1 X 10 ‘'A/ i)er liter? 
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18. If .01 mole HCl is added to 1 liter of the resulting solution in 
problem (17), what will be the OH“ ion concentration? 

19. If .01 mole NaOH is added to 1 liter of the resulting solution in 
problem (17), what will be the final OH“ ion concentration? 

20. A hypothetical acid, HA, dissociates as follows: 


HA = H+ + A- 


(a) If in a 0.1 Af solution the degree of ionization is 1 percent, 
calculate the ionization constant for the acid. 

(b) Calculate the concentration of the H+ ion in a .01 M solution. 

(c) Calculate the degree of ionization in (b). 

(d) Calculate the concentration of H"*" ion in a solution which 
contains 0.1 Af of the salt NaA and 0.1 AT of the weak acid HA, 
the total volume of the mixture being 1 liter. 

21. Calculate the molar concentration of a solution of NH4OH which 
is known to be 4 percent ionized. 

22. What is the molar concentration of a solution of HCN which 
by experiment is found to be ionized to the extent of .01 percent? 

23. Five ml. of 3 M HAc is added to 50 ml. of 1 M NaAc solution. 
Calculate the concentration of the H-*" ion in this solution. (The 
total volume is 55 ml.) 

24. Five grams of NH4CI is added to 100 ml. of 0.1 Af NH4OH solu- 
tion. Calculate the concentration of the OH“ ion. 

25. Fifty ml. of 0,1 Af HCl is mixed with 75 ml. of 0.1 M NHjOH 
solution. Calculate the concentration of OH~ ion in the mixture. 

26. Repeat problem (25) using NaOH in place of NH4OH. 

27. To 100 ml. of a .02 M solution of CeHsCOOH is added 250 ml. 
of .02 Af solution of sodium benzoate (CeHsCOOXa). What is 
the concentration of the H+ ion in the resulting solution? 

28. 4.75 g- of NH4CI is added to a solution already containing 
2.5 g. of NH3 and the total volume is made 500 ml. by the addition 
of water. What is the concentration of the OH“ ion in this 

solution? 

29. Calculate the pH of the following solutions; 

(a) 0.1 M HCl 

(b) A solution containing 1 g. HCl per liter 

(c) 0.1 Af HAc 

(d) A solution containing 0.1 Af HAc and 0.1 Af NaAc per liter 

30. Using HAc and NaAc in different amounts in each case, give 
the concentrations of each of these substances for three dif- 
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ferent solutions, each solution having a ion concentration 
of IQ-h 

31. One hundred ml. of a 0 . 1 M HC'I solution is added to 100 nil. 
of a 0.2 M XITiOH solution. 

(a) What fraction of tlie XHiOIT does the IICl neutralize? 

(h) What is the concentration of the XII 4 + ion? (Xeglect that 
amount of Xll^^ ion contributed l)y tlie XlLjOII not ncutraliz(‘(l. ) 

(c) What is the concentration of the XII^OH not neutraliz(‘d? 

(d) (’alculate the 011 “ ion concentration in the resulting solution. 

32. In the following problem solid XaOII is to be achled gradually 
to a st)!ution of ITAc. As tlie XaOH is a<ided jiart of the IlAc is 
neutralized. Even after the final addition of XaOH. the lIAc 
will not be completeli- neutralized. I'he H^ ion concentration 
and the pll of the solution are to be cahailated after each addi- 


33 . 


tion of XaOH. 

One-hundredth of a mole of solid XaOII is add(‘d to 1 liter of a 
0.1 d/ IIAc solution. (Xeglect any volume change.) 

(a) What fi’action of the IIAc is neutralized? 

(b) What is the concentration of the Ac“ ion? (Xeglect that 
contributed t)y the II. Vc not neuti’alized.) 

(c) What is the concentration of the IIAc? 

(d) Calculate the II ' ion concentration. 

(e) What is the pll of tl le solution? 

To the resulting solution another .01 mole of XaOII is added. 
Again answer (a), (b), (c), (d), and (e). XaOII is added portion- 
wise (.01 mole at a time) until, in all, .07 mole has been added. 
After the addition of each .01 mole portion calculate the H-*- 
ion concentration and the pll of the solution. 

Make a plot of pll as the ordinates (vertical axis) against the 
number of moles XaOII added as abscissae (horizontal axis). 
Xote particularly that the pll does not vary greatly between .04 
and .0() mole additions of XaOII. This plienomenon will be 
discussed in a later chapter under “Buffer Solutions.” 

I- lorn the data given in Tal)le 20 calculate the approximate 
values of the indicator constants (Ah^^) for the following indi- 
cators, assuming them to be weak aciils: 

(a) methyl orange 

(li) brom cresol inirple 

(c) brom thymol l)lue 

(d) phenolphtlialein 

(e) thymolphthalein 
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Heterogeneous Equilibrium — The 
Solubility Product — Colloids 


Any equilibrium which involves some kind of boundary 
surface is a heterogeneous one. The evaporation of water in 
a closed vessel is a simple example of this type of equilibrium. 
Here the water vapor in the enclosing container is in contact 
^vith the liquid water through the water surface. Although all 
heterogeneous equilibria involve boundary surfaces, yet the 
concentrations of the various substances involved are inde- 
pendent of the area of this surface. For example, the con- 
centration of the water vapor, or the pressure exerted by the 
water vapor, in any container in which liquid water is also 
present is independent of the amount of surface exposed by 
the liquid. The rate at which water evaporates from the sur- 
face is greater, the greater the extent of the surface, but the 
condensation of the water vapor, i.e., the return of the water 
molecules from the gaseous state to the liquid state, is also 
greater, the greater the amount of exposed liquid surface. As 
a result of increasing the surface both the rate of evaporation 
and the rate of condensation are increased in such a way that 
the concentration of water remaining in the vapor state is 
constant. 

For a given temperature the rate of evaporation depends 
only upon the amount of surface exposed; in other words, 
the rate of evaporation is proportional to the amount of surface 
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exposed. This statement may he expressed in symbols in the 
following manner: 


Rate of evaporation = kiS 



where ki is some proportionality constant and S the amount 
of surface. 

The rate of condensation is proportional to the rate at which 
vapor molecules strike a unit area of surface and to the amount 
of surface. The rate at whicli molecules strike unit area of 
surface will depend upon the pressure exerted by the vapor. 
(If, for any given case, the pressure exerted by the vapor is 
doubled, twice as many molecules strike a unit surface per 
second.) 

Rate on unit surface x pressure 

Therefore 


Rate of condensation x P x S 


where P is the pressure. 

Or Rate of condensation = /c^P x S (2) 

where /v> is some proportionality constant. At equilibrium the 
rate of evaporation equals the rate of condensation and 


kiS = k.2S X P 


Cancelling the surface term S from both sides of the equation, 


h 

^ k ^ eq 


(3) 


This means that for a given temperature the vapor pressure 
of water vapor (or of any liquid) is a constant and is inde- 
pendent of tlie surface exposed, since the surface factor S does 
not appear in the final ecpiilibrium equation. 

Another type of heterogeneous equilibrium with which we 
are to deal to a very great extent is the equilibrium between 
a solid and its ions in solution, i.e., the solubilitv of some 
electrolyte in water. To illustrate this type of equilibrium 
let us consider a specific example, the eipiilibrium existing 
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between solid barium sulfate and its saturated solution, and 
let us apply the Law of Mass Action to this case. 

According to the theory of complete ionization, the small 
amount of barium sulfate which exists in water is present only 
as barium ions and sulfate ions. Although barium sulfate is 
very slightly soluble in water, it is nevertheless a salt and there- 
fore is completely ionized. It would be considered as practi- 
cally completely ionized even on the basis of the theory of 
incomplete ionization, since its concentration is so small in the 
saturated solution. When equilibrium conditions are attained, 
that is, when the solution is saturated with the barium sulfate, 
the rate at which barium sulfate passes into solution from the 
solid crystals is equal to the rate at which barium ions and 
sulfate ions collide and deposit on the surface of the crystal. 
The rate at which barium ions and sulfate ions leave the solid 
barium sulfate will depend upon the amount of surface of 
barium sulfate in contact with the water. If in one case the 
surface of barium sulfate exposed to the water is three times 
as great as that in another case, the rate at which it enters the 
solution will be three times as large. 

Rate of solution = hS (4) 

where S is the amount of surface of barium sulfate exposed 
to the solution. 

The rate of deposition of the barium sulfate will depend upon 
the rate of which barium ions and sulfate ions collide in 
juxtaposition on the surface. For a barium ion to deposit, it 
is also necessary that a sulfate ion deposit next to it, for in the 
barium sulfate crystals these ions lie next to each other. It 
would be impossible for only barium ions to deposit, since a 
positive charge would then develop on the crystal and crystals 
of barium sulfate could not be formed. The rate of combina- 
tion of the barium and sulfate ions will then be proportional 
to the rate at which they collide with each other on the sur- 
face of the solid barium sulfate. The rate of formation of 
the crystal MU then be proportional to the concentration of the 
barium ions, the concentration of the sulfate ions, and the 



Heferogeneous Equilibrium 159 

surface. If the surface is doubled, twice as many collisions 
between barium ions and sulfate ions occur on the surface in 
a given period of time. We may then write 

Rate of deposition = /; 2 (Ba'^^')(S 04 ””)*S fo) 


Under equilibrium conditions 
rate of deposition, and 


the rate of solution ecpials the 





The same amount of surface is involved in both processes of 
solution and deposition; the S cancels from both sides of the 
expression and we have 


(Ba^^)(S04 


\ - h - h” 

) - 7 . - 
A •> 


(b) 


A'sp. is an equilibrium constant which is designated more 
si)ecifically as the solubility product constant, while tlie prod- 
uct (Ba^ ^)(S() 4 “~) under e((uilibrium conditions is known as 
the soliibilitij product. 

Analyzing this expression we see that as the concentration 
of the barium ion is increased, if efiuilibrium is to be main- 
tained, the concentration of the sulfate ion must decrease in 
the inverse ratio. For example, in a saturated solution of 
barium sulfate in pure water the concentrations of both the 
barium ions and the sulfate ions are each about 4 x 10“’ 
mole per liter. The value of iv^.p. for barium sulfate is tlien 
4 X 10"^ X 4 X 10“^ = l.() X 10“^ If now the concentration of 
the sulfate ions in this same solution is increased tenfold, that 
is, to 4 X 10“^ mole per liter by the addition of a small amount 
of sodium sulfate, then to maintain eciuilibrium the concentra- 
tion of the barium ions must be decreased tenfold to 4 x 10“*^ 
mole per liter, and now (Ba^ ^)(S 04 ““) = 4 X 10“*^ X 4 X 10^* 

= l.h X 10'^ 

The product of the two concentrations must always equal 
1.0 X 10 ‘h the solubility product constant for the temperature 
in (luestion. A decrease in the concentration of barium ions 
by the addition of sulfate ions, as just described, can onlv take 
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place by the precipitation of barium sulfate. In other words, 
the barium ions can be removed from the solution only by the 
formation of solid barium sulfate. This general conclusion 
can be qualitatively deduced from a consideration of the Rule 
of Le Chatelier. The equilibrium is represented by the equa- 

BaS 04 (solid) = Ba++ + SO 4 — (7) 


By increasing the concentration of the sulfate ions the equihb- 
rium is shifted to the left, i.e., solid barium sulfate is formed, 
and this shift proceeds until a new equiUbrium condition is 
established which, in the case cited above, results in a concen- 
tration of 4 X 10”^ mole per liter for sulfate ions and 4 X 10“® 
mole per liter for barium ions. 

We may apply the Law of Mass Action directly to this 
equilibrium without considering the rate processes involved 
and arrive at the same conclusion. Applying the Law of Mass 
Action to the equilibrium for equation (7) we may write 


(Ba++)(S 04 — ) ^ , 
(BaS 04 , solid) ‘ 


° (Ba++)(S 04 — ) = ^'l(BaS 04 , solid) 

But the concentration of solid barium sulfate does not change. 
Its concentration depends only upon the density of solid barium 
sulfate, which remains practically constant under all ordinary 
conditions. Therefore the product X (BaS 04 , solid) is a con- 
stant, which we designate as ivs.p. or 

(Ba++)(S 04 — ) = i^s.p. (9) 

This is the same expression as that previously obtained (equa- 


tion 6). . , u- u 

Applying these same considerations to silver chromate wnicn 

dissolves slightly in water to give two silver ions for each 
chromate ion, . ^ ^ ^ /in\ 

Ag2Cr04(solid) = 2Ag+ + Cr04— (10) 

we obtain 

(Ag+)^(Cr 04 — ) = Asp. (11) 

In this case, however, for the deposition of silver chromate 
from its solution it is necessary that two silver ions and one 
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chromate ion collide on the surface of the solid silver cliromate, 
and therefore the concentration of the silver ion is stjuared. 

Conditions ISecessary for Precipitation, Every pure 
substance has a definite solubility in water at a gi\'en tempera- 
ture. When the concentration of the substance in water solu- 
tion exceeds this solubility value, either precipitation of the 
substance from solution or a supersaturated solution will be 
the result. The solul)ility product is a quantitative statement 
of the limit of solubilitv of anv difficultiv soluble sul)stance 

• V * 

which forms ions. When the product of the concentrations of 
the ions in the solution exceeds the value of the solubilitv 
product constant either precipitation will ensue or a super- 
saturated solution will be formed. Supersaturated solutions 
form with difficult}^ and precipitation is tlie usual result of 
excess concentration of the ions. 

To illustrate this condition let us consider a specific example. 
If a solution contains chloride ion at a concentration of 10"^ 
mole per liter in the form of dissolved sodium chloride or cal- 
cium chloride, will a precipitate be formed when enough silver 
nitrate is added to make the silver ion concentration equal to 

10“^ mole per liter? The condition necessary for precipita- 
tion is 

(Ag^)(Cl-) = AVp. (12) 


The solubility product constant for silver chloride at room 
temperature is 2.8 x IQ-'o, In the solution under considera- 
tion (Ag+)(C1-) = 10-3 X 10-- = 10-«, which is greater than 
2,8 X 10 We see that the product of the silver ion concen- 
tration and the chloride ion concentration exceeds the solu- 
bility product constant; hence, either precipitation will follow 
or a supersaturated solution will be formed. 


If, in the above case, the concentration of the silver ion 

were made 10"^ mole per liter rather than 10“3 inole per liter, 

no precipitation would lake place under anv circumstances, 

for now the product (Ag+)(C1-) would be less than the solu- 
bility product constant. 


(Ag+)(C1 ) = 10-" X 10~" = 10“*« < 2.8 X 10'“^ 
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Supersaturation of Difficultly Soluble Substances* As 
we have already indicated, precipitation will not always occur 
when the concentrations of the ions exceed the solubility 
product constant, due to the slow rate of precipitation. How- 
ever, once the small cr^^stals are formed, the precipitation 



FIG. 8.1 Schematic representation of a crystal. 


proceeds rapidly. The process of forming the first nucleus 
about which crystallization takes place is entirely different 
from the later crystallization. Any crystal which is within the 
limit of visibility even with the best microscope contains 
thousands of ions. Such a crystal is pictured in a general way 
in Figure 8.1. 

In this case the ions onh’ need find their regular positions 
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and thus build up the crystal. When the crystal is started, 
however, the situation becomes entirely ditYercnt. Figure 8.2 
illustrates in a general way an incipient crystal. Here the forces 
holding the ions are certainly different since each ion occupies 
a corner and edge position. An additional condition is that 
four or more ions be sufficientl 3 ^ close to each other simul- 
taneously to allow the nucleus 
to form. This situation is 
probably rat her rare. We see 
from these illustrations that 
the process of incipient crystal- 
lization is undoubtedly a more 
complicated phenomenon than 
is usually imagined. Barium 
oxalate, BaC 204 , and calcium 
chromate, CaCrO^, are two 
well-known examples of diffi- 
cultl}' solublesalts which easily 
form Kuper.saturated solut ions. 

Solubility of Very Small 
Crystals. Experiments have 

shown definitely that small crystals of any substance are moi-e 
soluble than larger ones. Barium sulfate crystals, 10“^ cm. 
in diametei , are almost twice as soluble as crystals twenty times 
this diameter. The difference between the solubility of crys- 
tals 10 ^ cm. in diameter and the solubility of larger crystals 
becomes inappreciable and it is only for very small crystals 
that Bus factor must be considered. Calculations have shown 
that ions in the interior of a crystal are bound with greater 
forces than are tho.se on the faces or edges. Evident ly a greater 
fraction of the ions occupy external positions for .small tiian 
for larger crystals, and therefore the average tendency to enter 
the solution will be greater for the smaller crystal. From these 
considerations it can be deduced that crystals will grow in such 
a way as to produce as many interior ions (as few surface ions) 
as possible. Such a condition is attained only by the growth 
of larger crystals at the expense of smaller ones. 


I’ 10. 8.2 Formation ot finst crystal 

V 

nucleus. 
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Since small crystals are more soluble than large crystals, the 
smallest crystals will in time dissolve and the larger ones will 
grow still larger. No real equilibrium is attained until the 
crystals are relatively large. Minute crystals mil pass through 
filters and it is often possible to “digest” such precipitates to 
remove this condition. Heat increases the rate of solution, 
crystallization, and the rate at which the large crystals will 
grow from the smaller ones. Very often the precipitate will 
become sufficiently coarse, i.e., digested, either by heating or 
allowing the suspended precipitate to stand overnight. 

The fact that small crystals have a greater solubility means 
that a different and larger solubility product constant must 
apply to these than to the larger crystals. The solubility prod- 
uct constants are calculated for solutions in contact with rela- 
tively large crystals. When calculating the concentrations of 
the different ions necessary for precipitation it must be borne 
in mind that a slight excess concentration over that demanded 
by the solubility product constant is required, since the first 
crystals formed are necessarily small. However, after crystal- 
lization has set in and relatively larger crystals are formed, 
the concentrations of the ions left in solution will be in accord 

with the solubility product constant. 

Limit of Visibility of Precipitates Is Often the De- 
termining Factor in Qualitative Analysis. Even though a 
precipitate may form from very dilute solutions of the react- 
ants, yet that precipitate may exist in such small quantities 
that it is not visible. Such a precipitate would be of no conse- 
quence in qualitative analysis. For example, calculations show 
that a precipitate will be formed when a solution which con- 
tains as little as 10““ mole per liter of copper ion, Cu++, is 
saturated with hydrogen sulfide. Obviously, such a precipitate 
could not be seen. With silver chloride a precipitate is only 
visible when the solution before precipitation contains either 
silver ion or chloride ion at a concentration greater than 
2 X 10"^ mole per liter. For the detection of a precipitate it 
is necessary that the ions producing the precipitate be present 
at concentrations sufficient to render the solid phase visible. 
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The lower limit of visible” concentration is about 10“^ mole 
per liter for most substances. 

increase in Solubility by the Formation of efik Acids. 

The addition of anv acid to a saturated solution will increase 
the solubility of the salt if the hydrogen ion combines with 
the anion of the salt to form a weak acid. Thus, the eciuilib- 
rium between silver acetate and its ions, 

AgAc(solid) = Ag"*^ + Ac“ (13) 


is shifted to the right by the addition of hydrogen ion in the 
form of a strong acid, such as nitric acid since the hydrogen 
ions combine with the acetate ions to form acetic acid. 


All carbonates are soluble in acid solution due to the for- 
mation of the weak acid, carbonic acid, H.>CO;j(CO -2 + H 2 O). 
Barium carbonate is readilv dissolved bv hvdrochloric and })v 
nitric acid solutions. The solubility of barium sulfate, on the 
other hand, is not increased appreciably by the addition of 

hvdrochloric acid because sulfate ions show little tendencv to 
• « 

combine with hydrogen ions. 

The solubility of any sulfide is increased by tl)e addition of 
hydrogen ion, since the weak acid, hydrogen sulfide, and its 
weak ion, HS“, are formed. In some cases, however, the sulfide 
may be so insoluble tliat an increase in its solubility as much as 
a niillionfold will not be appreciable. In other words, for the 
very insoluble sulfides the addition of acid to the solution 
does not allow an appreciable amount of the sulfide to dissolve 
even though the solubility is increased enormoush’. Equilibria 
involving the sulfides will be considered in detail in a later 
chapter. 


Colloids. If any relatively insoluble substance is prepared 
in a finely divided state and added to a liquid, such as water, 
a suspension of the solid in the liquid will be formed, whicli will 
ultimately settle to the bottom of the container provided that 
the suspended material is not too finely divided. Very finely 
divided suspended material will remain in continued suspension 
if no sui)se(iuent coagulation of the particles takes place. Such 


a system is a lieterogeneous one and the 


substance in the finely 
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divided state is known as the dispersed phase and the liquid, 
the dispersing medium. 

When the particles in the dispersed phase are so small that 
they can no longer be seen or detected wdth the microscope, 
we may well ask whether this sj’-stem is a suspension or a solu- 
tion. if the particles were of molecular size, the system would 
he a solution, and if the particles were visible, a suspension or 
mixture would be formed. There is no sharp distinction be- 
tween solutions and suspensions, and systems for which the 
suspended particles lie in this intermediate condition are known 
as colloidal suspensions or colloidal solutions. The finely 
divided dispersed phase in such a system is known as a colloid. 

As we have said previouslj^ molecules or ions at the surface 
of a crystal or particle behave somewhat differently from those 
in the interior. The properties of any substance which has a 
large surface compared to its volume are more like those of the 
surface molecules. A very finely divided substance has a very 
much larger surface than one consisting of large particles. 
Since colloidal particles are very finely divided the increased 
surface is responsible for some of the properties which dis- 
tinguish this class of substances from substances as we ordi- 
narily know them. For simplicity, let us consider the total 
surface area of the cubic particles contained in one cm.^ of a 
given substance. If only one particle is present, each edge 
has a length of 1 cm. and the surface area of the cube is 6 cm.^ 
By decreasing the size of the particle, the number of particles 
in one cm.^ and the surface area are greatly increased, as is 
demonstrated by Table 21 on page 167. 

While the limit of distinct visibility with the microscope 
is about 10“^ cm., yet particles somewhat smaller than this 
can be detected but not seen in outline. Such very small 
particles when viewed through a microscope with illumination 
from the side will reflect light and sparkle. Such a micro- 
scopic arrangement is known as the ultra-microscope. 

The Brownian Movement. When very small particles 
are viewed through the microscope or ultra-microscope, they 
appear to be darting about in constant zig-zag motion. This 
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Tahle 21 


Surface of One 
Diffeuent 


CM.-^ OF Materiae 
Pariicle Sizes 


FOR 


Size of Cubic 
Particle, cm. 

1 

0.1 
O.Ol 
0.001 
0.0001 
0.00001 * 
0.000001 


Sui'face, ('in.- 


() 

()0 

()00 

(1000 

(>0000 

(100000 

(1000000 


• Limit of visibility. 


motion of small particles is known as the Brownian Movement 
and is cliaracteristic of all colloitlal suspensions. When we 
seek an explanation of this motion we are led hack to tiie kinetic 
theory of matter, which postulates that all molecules are in 
motion. Any particle in suspension is bombarded on all sides 
by the moving molecules of the dispersing medium. When 
the particles are sufficiently large the impact of the molecules 
on the side of the particle is not great enough to cause any 
appreciable movement. Furthermore, the bombardment on 
one side of the particle is counterbalanced by tlie bombard- 
ment on the opposite side, so tlie net result is that there is 
no appreciable momentum imparted to the particle in any 
particular direction. When the particle is very small the 
probability that it will be struck simultaneously with equal 
force on two opposite sides l>ecomes small, and since the particle 
itself is small its velocity acquired by impact will be large and 


a visible motion results. 

Classes of Colloids, C'olloidal systems are not confined to 
the suspension of solids iii liquids, although such suspensions 
are of most importance in (lualitative analysis and in most 
problems in chemistry. One li(|uid dispersed in anotlier is 
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known as an emulsion ; mayonnaise dressing is an example of 
an emulsion, essentially an oil in water. The different general 
types of colloidal systems are given below in tabular form. 


Table 22 

Types of Colloidal Systems 


Dispersing 

Phase 

Dispersed 

Phase 

Type 

gas 

gas 

none (homogeneous) 

gas 

liquid 

fog 

gas 

solid 

smoke 

liquid 

gas 

foam 

liquid 

liquid 

emulsion (mayonnaise dressing) 

liquid 

solid 

suspension (muddy water) 

solid 

gas 

solidified foam (pumice) 

solid 

liquid 


solid 

solid 

ruby glass 


Adsorption. Any molecule, atom, or ion may be conceived 
as being surrounded by a field of force, which field is not neu- 
tralized or “satisfied” when the particle is existing alone in 
space. This attractive force varies considerably with different 
particles. Thus the helium atom has a very small field, as 
evidenced by its ver}'^ low boiling point, while the molecules of 
a substance having a high melting point or high boiling point 
possess relatively large attractive forces. When a molecule or 
ion is situated in the interior of a crystal these forces are neu- 
tralized or satisfied to the greatest possible extent. At the 
surface of a crystal, however, the attractive forces are not 
completely neutralized and the residual force of the surface 
molecules attracts other particles and holds them fast to the 
surface. This adherence of foreign particles to any surface is 
known as adsorption. The smaller the particle the greater 
wall be the amount of surface and the larger the total effect 
of surface forces. Not all finely divided particles are perfect 
crystals and the less perfect the crystalline form the greater 
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Coagulation of Colloids 

will be the adsorptive forces, for under such conditions the 
the attractive forces of the molecules in the crystal are less 
satisfied by each other. Gelatinous precipitates like aluminum 
hydroxide and ferric hydroxide are very probably imperfectly 
crvstallized and these substances have very great adsorptive 
capacities. 

The small size of colloidal particles, because of the increased 
surface area, makes them particularly good adsorbents. Not 
only are neutral molecules adsorbed to their surfaces but ions 
.is well. The adsorption of ions on the surface of colloidal parti- 
cles is preferential, i.e., not all ions are adsorbed alike. In 
some cases negative ions are adsorbed more readily than posi- 
tive ions. In such cases the colloidal particles become nega- 
tively charged. Some colloids, on the other hand, become 
positively charged through the adsorption of positive ions. If 
all the colloidal particles have the same charge, they will repel 
each other and prevent coagulation. The adsorption of ions 
of like charge, therefore, stabilizes the colloidal solution. Wlien 
placed in an electric field — between two charged plates — 
negatively charged particles will move toward the positive 
plate and positively charged particles toward the negative 
plate. Under some conditions these particles become neutral- 
ized at the electrode and “plate out “ just as ions may be plated 
from solution. By such a process rubber may be “plated out“ 
of its suspension. 

Finely divided barium sulfate has a great tendency to adsorb 
otiicr ions from solution. In fact this tendency is so great that 
it l)ecomes very difficult to obtain pure barium sulfate by 
precipitation. 

Coagulation of Colloids, Not all colloidal suspensions are 
stable. Many of them tend to coagulate through the adher- 
ence of the particles for each other. When silver chloride is 
precipitated from solution it first forms a very finely divided 
suspension but in a short time these fine particles coagulate and 
settle to the bottom of the container. This process is hastened 
by heating, and in many instances this simple expedient is 
sufficient to cause coagulation. 
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When a negatively charged colloid such as arsenic trisul- 
fide, AS2S3, is in suspension, it may be coagulated by adding 
certain positive ions to the solution in the form of salts, acids 
or bases, which have a tendency to be adsorbed. The adsorbed 
positive ions neutralize the negative ions already adsorbed and 
the more nearly neutral particles then coagulate. In general, 
the hydrogen ion is highly adsorbed and the addition of an 
acid to this suspension precipitates it. 

In general, those ions which are multiply charged are more 
effective in causing coagulation than singly charged ions. 
Aluminum ion is more effective than magnesium ion, Mg^"*", 
and this ion in turn is more effective than sodium ion, Na"*". 

In qualitative analysis finely divided precipitates are often 
very troublesome and annoying. Coagulation may often be 
effected by either heating or by the addition of an acid. It is 
evident that salts can very seldom be added to the solution, 
since in most cases the}^ will interfere with the anal3^sis. 

The applications of d^^estuffs to cloth fiber is usuall.v a 
process of adsorption, the dyestuff being adsorbed on the fiber. 
Dves will not “take” to certain fibers and in such a case the 
material to be d^^ed may be coated with a coagulant such as 
aluminum h^^droxide or stannic acid, which in turn will ad- 
sorb the dye and bind it to the cloth fiber. Coagulants used 
for such purposes are known as mordants and the combina- 
tion between the mordant and the d^'e is called a lake. 

In qualitative anabasis use is made of the adsorptive proper- 
ties of aluminum h\'droxide in its detection. This substance 
possesses the property of adsorbing a dyestuff known as 
aluminon. When the latter is added to a suspension of alu- 
minum h^^droxide, Al(OH)3, it is adsorbed preferentially by 
the hydroxide and the suspension, which is a lake, assumes a 
characteristic red color. 

Catalysts, Preferential adsorption is the property that 
gives contact catal^^sts their special effectiveness. The sub- 
stances which react with each other are adsorl^ed on the surface 
of the catah'St and the products formed are adsorbed to a 
lesser extent and thus leave the surface of activity. 
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The preparation of a catalyst usually greatly influences its 
activity. If the catalyst is prepared in such a way that the 
sui)stance formed is not well crvstallized, it usuallv l)ecomes 
more active. Thus, when iron is used as a catalyst it is most 
acti\'e when prepared from iron oxalate. This compound is 
broken down at low ten:iperatures to ferric oxide, carbon 
monoxide and carbon dioxide, and the ferric oxide in turn is 
reduced witli liydro^en at a low temperature. At tlie low tem- 
perature perfect iron crystals form with difficulty; the im- 
perfect (*rystals are the better adsorbers, luaice the Slimier tluur 
catalytic activity'. The addition of for(M»‘n substances such as 
sodium hydroxide or aluminum oxide often enhanc(‘s this 
acti\ity of the catalyst. These* substances, known as />ro- 
inoters, very probably pre\-ent the formation of perfect or 
lar^e crystals by keepinj^ the iron atoms apart. 


Examples of Problems Involving the Solubility Product Principle 

Example J. 

'I'lie solubility of RaSO., in water is .00092 •>;. per 100 ml. Whut 
is the value of the /vs.i*. for RaS() 4 ? 

First, calculate the solubility of RaSOi in moles per liter. .00092 g. 
l)er 100 ml. is eciuivalent to .0092 g. per liter. 

The molecular weight of BaSOj is 233.4. 


9.2 X 10-' 
2:kk4 


mole per liter = 3.9 X 10"^ mole per liter 


This means that there is 3.9 X 10-* mole each of the barium ion 
and sulfate ion in solution. 

The solubility product constant is therefore 

(Ba^+,)(S04--) = 3.9 X 10“^ X 3.9 X 10“^ = 1.5 X 10'® 
Example 2, 

SiKa'r chromate, AgiiCrCh, is soluble to the extent of .0259 g. per 
liter. C’alculate the sohibility product constant. 

4'he molecular weight of silver chromate is 331.8. The solubility 
in moles per lit<*!' is 


g. per liter 

3;i 1,8 g. per ,nol^ = ' -8 X 10 ^ mole per 


liter 
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Since silver chromate is completely ionized there is 7.8 X 10“® mole 
of chromate ion and 2 X 7.8 X 10“^ mole of silver ion in solution. 
The Ks,p. is then 

(Ag+)HCr04— ) = (2 X 7.8 X X 7.8 X 10"" = 1.9 X 

Exam-pie S, 

Calculate the solubility of SrSOi in g. per 100 ml. from its solubility 
product constant. Ks.v. = 7.6 X 10“^. 

Let X be the number of moles of SrS 04 in 1 liter of solution. 

Since SrS 04 is completely dissociated, there will be X moles of Sr**^ 
ion and X moles of SO 4 ion in solution. 

SrS 04 (soIid) - Sr++ + SO 4 — 

X ^ X X 
(Sr++)(SOi— ) = A2 
= 7.6 X 10“7 = 76 X 10-» 

X = 8.7 X 10~^ mole per liter 

This is not only the concentration of the strontium ion and of the 
sulfate ion, but it also represents the concentration of the total 
amount of strontium sulfate in solution. The molecular weight of 
strontium sulfate is 184. There are therefore 

8.7 X 10”^ X 184 = 0.16 g. SrS 04 per liter or .016 g. per 100 ml. 

Example 

Calculate the solubility of Mg(OH )2 in g. per liter from the solu- 
bility product constant. (/Cs.p. = 8.9 X 10“^-). 

X = number of moles of Mg(OH )2 dissolved — (total) 

X = number of moles of Mg*^ ion in solution at equilibrium 
2X = number of moles of OH”* ion in solution at equilibrium 

(Mg++)(OH-)2 == X{2Xy = 4X*^ = 8.9 X lO-^^ 

X^ - 2.2 X 10”*'- 
X = 1.3 X 10“^ mole per liter 

The molecular weight of ]Mg(OH )2 is 58.3. Therefore the solubility 
is 

1.3 X 10“^ X 58.3 = 76 X 10“^ == .0076 g. per liter 
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Exaynple 5. 

What is the concentration of the Ag+ ion in moles per liter left 
in solution if AgCl is precipitated by adding enough liCl to a solution 
of AgXOa to make the final Cl“ ion concentration 0.1 molar? 


Xs.P.(AgCl) = 2.8 X 10-‘« 
(Ag+)(C1-) - 2.8 X 10-‘« 
(Ag") X 0.1 = 2.8 X 10-^0 



2.8 X 10-’'^ 
0.1 


= 2.8 X 


10“^ mole per liter 


Example 6. 

(a) A solution contains .01 mole C'l“ ion and .001 mol(‘ C’rO^"' 
ion per liter. Ag"^ ion is gradually addetl to this solution in the form 
of AgXOs. Which will be i)recipitat(*d fii>t, AgC’I or AgjC’rO^? 

/vs.i>. (AgCD - 2.8 X 10-'" 

/vs.P. (Ag-,Cr()4) = 1.9 X 10-'2 

(1) Calculate (Ag~ } necessary to precipitate AgCl. 

(Ag+)(C1-) = (Ag*) X .01 = 2.8 X 10-'" 

2.8 X 10“'" 

j = --8 X 10“^ mole per liter 


(2) Calculate (Ag+) necessary to precipitate AgoC'rOi. 

(Ag+)2(Cr()4--) = (Ag+)2 X .001 = 1.9 X 

1 Q V 1 0-12 

(Ag^)2 = ' = 1.9 X 10-" = 19 X 10-'" 


10 


(Ag+) = 4.35 X 10 ^ mole per liter 


A greater concentration of Ag^ ion is necessary to cause precipita- 
tion ot AgA’r 04 than AgC’l, so AgCl will i)rocipitate first. 

(b) What will be the concentration of the Cl" ion in this solution 
when the Ag,>Cr ()4 begins to precipitate by the continued addition of 
AgXO,’.' Hear in mind that as the AgCM is precipitated by the addi- 
tion of .\g+ ion the C\~ ion concentration is reduced. 

Ihe Ag+ ion concentration necessary to precipitate the Ag..Cr ()4 

is 4.3.) X 10“^ in{)le per liter. For this concentration of Ag^ ion the 
Cl~ ion concentration will be 
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(C 1 -) = 


2.8 X 10-'“ 2.8 X 10- 


10 


(Ag+) 


4.35 X 10-5 


r = 0,644 X 10-5 


= 6.44 X 10“® mole per liter 


(c) What fraction of the amount of 01“ ion originally'' present re- 
mains in solution when Ag2Cr04 begins to precipitate? 

(C1-) (original) = .01 mole per liter 

(C1-) when precipitation of Ag2Cr04 begins = 6.44 X 10“® mole per liter 


6.44 X 10 

.01 


-6 


= 6.44 X lO-'* = .000644 


= .0644 percent of original C\~ ion present 


Calculations Involving Both the Ionization Constant 

and Solubility Product Constant 

Example 7 . 

How many moles of NH4CI must be added to 100 ml. of 0.1 M 
XH4OH solution to prevent precipitation of Mn(OH)2 when this 
solution is added to 100 ml. of a .02 M solution of MnCh? 


/Csp. (Mn(OH) 2 ) = 2 X 10-*5 
Ki (NH4OH) = 1.8 X 10-5 

In working this problem consider the concentrations of all sub- 
stances in the final solution after the two original solutions are mixed. 
The concentration of the Mn"*"^ ion will be .01 M and the OH" ion 
just necessary to begin the precipitation of the Mn(OH )2 can be 
calculated from its solubility product constant. 


(Mn++) X (OH-)2 = .01 X (OH')2 = 2 X 10-**' 

(OH-)2 = 20 X 10-12 
(OH”) = 4.5 X 10“® mole per liter 

If the (OH“) exceeds this calculated value, Aln(OH)2 will be 
precipitated. To prevent precipitation, the (OH-) must be less 
than this value. The (OH“) can be diminished by the addition of 
NH4’^ ion, in the form of NH4CI. The concentration of the NH4''" 
ion is equilibrium with this low concentration of OH" ion can be 
calculated from the Ki for NH4OH. 


(NH4+)(QH-) 

(NH40H) 


1.8 X 10-5 
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The concentration of the XH^OH is practically .05 mole per liter. 


(NH 4 +) X 4.5 X 10-® 

.05 


= 1.8 X 10-^ 


(NH4^) 


1.8 X 10“^ X .05 
4.5 X 10-6 


= 0.2 mole per liter 
= .040 mole per 200 ml. 


Since thi.s is the total amount of XH 4 "*' ion which must be added 
in the form of XH4CI, it is this amount which must he added to the 
original 100 ml. of XH4OH. The amount of XH4^ ion formed by 
the dissociation of XH4OH is negligibly small and therefore has 
been neglected in the calculations. 


Questions and Problems 

(In all of the following problems in this Chapter the hydrolysis 

of the ions is neglected) 

1 . What is a heterogeneous eciuilibrium? 

2. If solid barium sulfate is in equilibrium with its ions, Ba^"^ 
and S() 4 ~~, in solution, will this equilibrium be effected by the 
addition of more solid barium sulfate? 

3. If in a saturated solution of silver chloride, the concentrations 
of the Ag+ ion and Cl“ ion are each 1.(57 X lO’^ 4 /^ what will be 
the final concentration of the Ag+ ion if sufficient sodium chloride 
is added to the solution to increase the Cl~ ion concentration 
one hundredfold? 

4. What are the conditions necessary for the precipitation of a 
relatively insoluble salt? 

5. If the product of the concentrations of the ions exceeds the 
solubility product will precipitation always occur? Explain. 

6 . Is the solubility product for very small crystals the same as 
that for large crystals? 

7. Explain why small crystals would be expected to be more soluble 
than large crystals. 

8 . What is the order of magnitude of the concentration of the ions 
necessary to produce a precipitate visible to the naked eye? 

9. If a cube 1 cm. on the side is divided into one million cubes 
each of the same size, how much is the total surface increased? 
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10. Why do the surfaces of imperfect crystals adsorb substances to 
a greater extent than do those of perfect crystals? 

11. How may colloids be coagulated? 

12. Explain the use of “aluminon” reagent in qualitative analysis. 

13. Why are catalysts more active when prepared at low tempera- 
tures? 

14. The solubility of each of the following salts is given below in 
terms of grams per 100 ml. of solution. Calculate the solubility 
product constant for each substance. 


Substance 

Solubility in grams 
per 100 ml. 

(a) AgCl 

2.40 X 10-^ 

(b) AgBr 

1.35 X 10-s 

(c) Agl 

2.15 X 10”^ 

(d) BaS04 

8.95 X 10“^ 

(e) Ag 2 Cr 04 

2.56 X 10-3 

(f) CaCOa 

8.3 X 10-^ 

(g) SrF. 

7.3 X 10-3 


15. The solubility product constants are given below for a few diffi- 
cultly soluble substances. Calculate the solubility of each in 
terms of grams of solute per 100 ml. of solution. 

Substance Solubility Product Constant 


(a) 

Mg(OH)2 

8.9 

X 

1 

o 

(b) 

BaCOa 

1.6 

X 

10-3 

(c) 

Ag2Cr04 

1.9 

X 

10-*2 

(d) 

Fe(OH)a 

6 

X 

10-38 

(e) 

o 

o 

< 

8,6 

X 

10-3 

(f) 

SrS04 

7.6 

X 

10-7 

(g) 

Cul 

1 

X 

10->2 

(h) 

AgCN 

1.6 

X 

10-14 


16. The solubility product constant for BaCrO.i is 8.5 X 10"*^. If 
the concentration of the barium ion in a solution is .04 Mj calcu- 
late the minimum concentration of the chromate ion, in terms 
of moles per liter, that will be required to begin the precipitation 
of barium chromate, assuming that a supersaturated solution 
is not formed. How many grams of sodium chromate must be 
added to 200 ml. of water to produce this amount of chromate 

ion? 



Quesf/ons and Problems 


177 


18 . 


19 . 


20 . 


17. How many grams of silver chromate will dissolve in 100 ml. 
of 0.1 M potassium chromate solution? 

(a) Calculate the number of grams of PhS that would precipi- 
tate from 1 liter of saturated solution of Pbl^, if the solution is 
saturated with lIjS, assuming that the concentration of the sul- 
fide ion is kept at 1 X 10“’® mole per liter. 

(b) How many moles of Pb'*'’^ are left in solution? 

('alculate the number of moles of Ag('l that will dissolve (a) in 
1 liter of 0.1 M KCl solution; (b) in 1 liter of 0.1 .1/ CaClj solution. 
If AgXO:j is added slowly to each of the following solutions, 
calculate the concentration of the Ag" ion in the resulting solution 
just after the first trace of precipitate api)eais. 

(a) 0.1 M KHr solution. (b) 0.1 M KA'rO., solution. 

(c) A solution containing I mole IlC'l and .001 mole KI per 
liter. 

21. The s{)lubility of Pbl> is .058 g. per 100 ml. at room temperature. 

(a) What is the concentration of Pb"^*? Of 1“? 

(b) Write the solubility product ex])res.sion for Pbl>. 

(c) Calculate the solubility i)ro(iuct constant for Pbl>. 

22. The solubility product constant for calciun\ o.xalate at room 
temperature is 1.3 X 10“^ 

(a) What is the concentration of C'a"^ and of C’d) 4 ““ in a satu- 
rated solution of calcium oxalate? 

(b) Calculate the number of grams of calcium oxalate dissolvt'd 
in a liter of saturated solution. 

23. 3'he sohibility product constant for lead iodate at room tempera- 
ture is 2.() X 10“'^ How many grams of lead iodate are re(iuir(‘d 
to make 200 ml. of a saturated solution? 

24. (’alculate the (■oncent ration of the OH" in a saturated solution 
of silver hvdroxide. 

25. How many grams of XaOIl are recpiired to start the precipitation 
of Mg(OH )2 in 100 ml. of a solution which contains 0.1 g of 

MgC’b? 

If to a liter of solution containing 0.1 mole of Ag*^ enough (’I~ 
is added to make the final concentration of the C'l" ion remaining 
in solution 1 X 10“* rnole p(‘r liter, what fraction of Ag+ is left in 
solution? (A.ssume no volume change.) 

27. AgXO.t is added to a solution containing .001 mole C’l" and 
.001 mole Hr- per liter. What are the concentrations of ('!“ 
and of Hr remaining when the AgCl just begins to i)recipitat('? 


26. 
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28. How many grams of Ag+ are present in (a) 5 ml. of a saturated 
solution of AgBr? 

(b) 5 ml. of a saturated solution of AgCl? 

29. How man 3 ^ moles of AgCl would dissolve in 1 liter of the follow- 
ing solutions: 

(a) 0.1 M NaCl (d) 0.1 M AgNOa 

(b) 0.1 M KNOa (e) 1 X 10”^ M HCl 

(c) Pure water 

30. Solid AgCl is added to a 0.1 M KBr solution. What is the ratio 
of the (Cl*) to the (Br*) in the solution when equilibrium is 
attained? 

31. The solubility of the Agl is 2.15 X 10“’ g. per 100 ml. in water, 
and that of AgCl is 2.4 X lO*"* g. per 100 ml. Assuming that 
there is no volume change when pulverized solid AgNOa is added 
little by little to 1 liter of a solution containing 0.1 mole of KCl 
and 0.1 mole of KI: 

(a) At what concentration of Ag^ will Agl first precipitate? 

(b) At what concentration of Ag+ will AgCl begin to precipitate? 

(c) Which precipitates first, Agl or AgCl? 

(d) What will be the concentration of I* when AgCl starts to 
precipitate? 

(e) What percentage of the I* initially present will remain in 
solution when AgCl begins to precipitate? 

(f) What will be the ratio of the concentration of Cl" to that of 
I" in the solution when AgCl begins to precipitate? (Use result 
of (d) to obtain answer.) 

(g) When half of the Cl" initiall.y present has been precipitated 
as AgCl, what will be the concentration of (1) Ag*^ and (2) I" in 
the supernatant liquid? 

(h) What is the ratio of the concentration of Cl" to that of I" 
in the supernatant liquid of part (g)? 

32. The solubility of Pbiz is 1.28 X 10"^ mole per liter and that of 
Agl 9.2 X 10"® mole per liter at room temperature. Assuming 
that there is no volume change when solid Nal is added slowly 
to 1 liter of a solution which is .01 M in Pb++ and .01 M in Ag"*": 

(a) At what concentration of I" will Agl first precipitate? 

(b) At what concentration of I" will Pblo first precipitate? 

(c) Which will precipitate first, Agl or PbU? 

(d) What will be the concentration of Ag'*' in the solution when 
Pbl 2 first starts to precipitate? 
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(e) What is, therefore, the ratio of the concentration of Pb"'''*" 
to that of Ag+ at this point? 

(f) When the concentration of Pb"*"*" has been reduced to half 
of its original value, what will be the concentration of l~? 

(g) Then what will the concentration of Ag"*" be at this concen- 
tration of Pb’*"’*'? 

(h) What is then the ratio of the concentration of Pb"*""^ to that 
of Ag^ at the point described in parts (f) and (g)? Compare with 
the answer to part (e). 

(i) When Agl and Pblo precipitate together, show from the 
solubility product constants that the concentration of the Ag"^ is 
always proportional to the square root of the concentration of 
the Pb+'*‘ under these conditions. 

(j) Why are the ratios found in parts (c) and (h) not the same, 
whereas similar ratios in Prol)lem 31 were found ecpial? 

33. How many moles of AgAc will dissolve in a liter of a 0.1 M 
HXO:i solution? (The Ks.p. for AgAc is 4 X 10“l) (Note that 
in the resulting solution the concentration of HAc (unionized) 
is approximately 0.1 4/.) 

31. A solution contains .01 M and .05 M XH^Cl. How much 

X"H 40 H must be added to 1 liter of this solution to begin the 
precipitation of Mg(()H).>? 

35. How many grams of XH4CI must be added to 50 ml. of 0.2 M 
XITOH to prevent the precipitation of i\In(OH )2 when this 
solution is added to 50 ml. of .02 M MnCb solution? 

36. If 50 g. of MgClo and 50 ml. of C AT XH4OH are added to enough 
water to make 1 liter of solution, how much XH4CI in grams 
nmst be added to this same solution to prevent precipitation of 
iMg(OH)i? (Assume no volume change.) 

37. A solution is .01 AI in hydrogen ion and 0.1 Af with respect to 
acetic acid. Calculate the concentration of the silver ion. in 
moles per liter, that will be re(iuired to just start precipitation 
of silver acetate. 



Polybasic Acids — Precipitation with 

Hydrogen Sulfide 


Polybasic acids are those acids the molecules of which have 
more than one replaceable hydrogen atom and therefore dis- 
sociate to produce hydrogen ions in more than one step. Di- 
basic acids and tribasic acids, which are special classes of 
polybasic acids, have two and three replaceable hydrogen 
atoms respectively. Phosphoric acid, an example of a tribasic 
acid, dissociates to produce hydrogen ion in three steps, which 
are represented by the equations : 

H3PO4 = H2P04~ -f- H'*" (1) 

H2PO4- = HPO4— + H+ (2) 

HPO 4 — - PO 4 — -h H+ (3) 

The process represented by equation (1) takes place to a 
greater extent than either (2) or (3), and (2) to a greater ex- 
tent than (3). The ions, H 2 P 04 “ and HPO4 — , resulting from 
the dissociation of phosphoric acid, are likewise acids and the 
relative strengths of H3PO4 and these ions as acids can be 
readily determined by a consideration of the three dissociation 
constants for phosphoric acid. The dissociation constant for 
the process represented by equation (1) is 7.5 X 10”^; for the 
process represented by equation (2), 6.2 x 10“*; and for (3), 

1 X 10”^^ A 0.1 molar solution of phosphoric acid dissociates ac- 
cording to equation (1) to the extent of about 25 percent, while 
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the concentration of PO4 in this same solution produced 
by step (3) is only about 10“^® molar. This small concentration 
of PO4 ion is the reason that most insolul)le phosphates 
cannot be precipitated from phosphoric acid solution. 

Sulfuric acid, the commonest example of a dibasic acid, is 
100 percent dissociated into and HS04“ ions. The bisulfate 
ion, which dissociates according to the equation 

HS04“ = + SO4”” (4) 

behaves like a weak acid. Its dissociation constant is 
1,26 X 10“^ and in a 0.1 molar H2SO4 solution the concentra- 
tion of tlie S04““ is approximately .01 molar; i.e., about 
10 percent of the HSO4” dissociates in sulfuric acid of this 
concentration. The bisulfate ion in a 0.1 molar solution of 
NaHS04, on the other hand, dissociates to the extent of about 
30 percent. The dissociation of tlie HS04“ in sulfuric acid 
solution is less than that in a solution of XaHS()4 of tlie same 
concentration because the excess has a common ion effect 
In the H2SO4 solution and represses the ionization of the HS04“. 
There are no polybasic acids which are 100 percent dissociated 
in every step of the ionization. 

Two common examples of dibasic acids which are weak in 
both stages of ionization are hydrogen sulfide, H2S, and car- 
bonic acid, H-iCO.'!. 

The first stage in the dissociation of hydrogen sulfide pro- 
duces hydrogen and bisulfide ions. 

H.>S = H*" -1- HS- (5) 

The HS“ formed in this reaction in turn dissociates to form 
hydrogen ion and sulfide ion. 


HS- = H- -h S-- 

The ecjuilibrium expression for the first stage 

(H->S) 

and for the second stage, 

(H")(S— ) 


= Ah = 1 X 10 


(fd 

(equation 5) is 

(7J 


(HS-) 


= Ah = 1.3 X 10- 


(8) 
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It will be observed that the constant for the second stage of 
ionization is almost 10® times smaller than that for the first 
stage; the HS“ ion is a very much weaker acid than is H 2 S. 
The bisulfide ion is such a weak acid that of the amount 
formed by the dissociation of hydrogen sulfide only a very small 
fraction dissociates. For this reason, the concentrations of 
the and HS~ ions are practically equal to each other in a 
solution of pure hydrogen sulfide. The concentration of hy- 
drogen sulfide in a solution saturated with the gas at 1 atmos- 
phere pressure is very nearly 0.1 molar at room temperature, 
25° C. With this information it is not difficult to calculate the 
concentration of both the hydrogen ion and the bisulfide ion 
in a solution saturated with hydrogen sulfide. Since only a 
very small fraction of the hydrogen sulfide dissociates we may 
consider the concentration of the undissociated portion of the 
hydrogen sulfide to be 0.1 molar (the amount which dissociates 
is negligible compared with 0.1). If we let X be the concen- 
tration of the h^^drogen ion at equilibrium, X will also be the 
concentration of the bisulfide ion. We then have: 


(H^)(HS-) 

(H2S) ■ b.i - ^ 

= 1 X io-» 

X = 1 X 10-^ molar = (H+) = (HS”) 

If hydrogen ion is added to a saturated solution of hydrogen 
sulfide, the concentration of the undissociated hydrogen sulfide 
molecules will not be changed appreciably but the concentra- 
tion of the bisulfide ion will be decreased and its concentration 
will be inversel}'^ proportional to the concentration of the hy- 
drogen ion. The greater the concentration of the h^'drogen 
ion, the smaller will be the concentration of the bisulfide ion. 

A calculation of the concentration of the sulfide ion involves 
the second stage of ionization. For a saturated solution of 
hydrogen sulfide, we have just calculated the concentration of 
the hydrogen ion and of the bisulfide ion to be 1 X 10'^ molar. 
Since the dissociation constant for the second stage is so small, 
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onl}^ a very small amount of the bisulfide ion dissociates; tliat 
is, the second dissociation (equation 6) does not lower the 
concentration of the bisulfide ion appreciably. Its concentra- 
tion may then be considered to be 1 X 10"* molar even after 
the second stage of dissociation lias been taken into account. 
Likewise, the amount of hydrogen ion produced by the second 
stage of ionization does not add apprecialily to the hydrogen 
ion concentration produced by the dissociation of the 
Hence we ma}^ take the final etiuiliiirium value of the hydrogen 
ion concentration to be the same as that calculated for the 
first stage of ionization, namely 1 X 10~^ mole per liter. In 
other words, even after the second stage of ionization has been 
considered, the hydrogen ion and bisulfide ion concentrations 
are practically the same. We may then calculate the sulfide 
ion concentration: 


(HS-) 


= K, = 1.3 X 10 


-13 


1 X lO-^'fS--) 
1 X 10-* 


= 1.3 X 10-*3 


(S ) = 1.3 X 10 mole per liter (9i 


Since the concentration of the hydrogen ion of the numera- 


tor in this expression cancels the bisulfide 


ion concentration 


of the denominator, tlie concentration of the sulfide ion is 
1.3 X 10 molar. It will be noted that this v'alue will be the 
aiiproximate concentration of the sulfide ion even though the 
solution may not be saturated with hydrogen sulfide, for even 
under these conditions the concentration of the hydrogen ion 
and the concentration of the bisulfide ion will be practicalK 
e(jual to each other and will cancel in the equilibrium expres- 
sion, leaving the sulfide ion concentration still 1.3 X 10’*^ molar. 
In fact, for any weak polybasic acid the concentration of the 

doubly charged anion is practically equal to the second ioni- 
zation constant. 

The product of the equilibrium expressions for stages one 
and two of ionization (equations 7 and 8) is 
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(H+)(HS-) (H+)(S— ) 

(H 2 S) ^ (HS-) 


(H+)^(S— ) 
. (H^S) 


= KiXK2 


Kn ( 10 ) 


X 12 = 1 X 10-^ X 1.3 X 10->3 = 1.3 X 10-=*® 



(H+)^(S— ) 

(H2S) 


1.3 X lO-^*® 



This last expression cannot be used by itself to calculate both 
the concentration of the hydrogen ion and the sulfide ion in a 
solution which contains only hydrogen sulfide because both the 
concentration of the hydrogen ion and the concentration of 
the sulfide ion are unknown quantities and two equations are 
necessary to solve for two unknowuis. The other equation 
necessary would involve Ki alone. If the hydrogen ion con- 
centration is determined from Ki alone, then the sulfide ion 
concentration may be determined from equations (8) or (11). 

Since a saturated solution of hydrogen sulfide in water is 0.1 
molar with respect to the gas, we may write 


(H+)^(S— ) 

0.1 


1.3 X 10-=® 


or 

(H+)=(S— ) = 1.3 X 10-=‘ = Kn(sat.) (12) 

Equation (12) may be used when the hydrogen ion concentra- 
tion of the saturated solution of H 2 S is known or calculated 
from equation (7). 

When the hydrogen ion is added to the solution in the form 
of a strong acid then the sulfide ion concentration may be 
determined from equation (12), since the hydrogen ion con- 
centration is now known from the amount of strong acid 
added; the amount produced by the dissociation of hydrogen 
sulfide is negligible. For example, suppose we wish to calcu- 
late the sulfide ion concentration in a saturated solution of 
hj’drogen sulfide to which hydrochloric acid has been added 
to make the hydrogen ion concentration 0.1 molar. Applying 
equation (12), we have 
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(H+)^(S--) = (0.1)-{S-”) = 1.3 X 10--' 

1 Q V 1 

(S--) = = 1.3 X 10-'*'' molar 

In the same wav we mav calculate the sulfide ion concentration 

V V 

for solutions of any liydro^en ion concentration. Tlie concen- 
tration of the sulfide ion is thus inversely proportional to the 
square of tlie hydrogen ion concentration. If the hydrogen 
ion concentration is increased tenfold o\’er that in any gi\en 
case, the sulfide ion concentration will ac(*ordingly be decreased 
one hundredfold. The following table gives the sulfide ion 
concentration for different solutions containing hydrogen sul- 
fide. For the sake of completeness the table includes solutions 
of the sulfides for which calculations of the sulfide ion con- 
centrations are considered in the next chapter on hydrolysis. 


Table 23 

CoXC'EXTRATIOX OF THE Sl'LFIDE loX IX 

I) I F F E K E N r S O n • r I ( ) X s 


Solution 


0.1 molar II-^S 

0.1 molar II^S and 0.001 molar H" ion 
0.1 molar II 2 S and 0.01 molar ion 
0.1 molar H.S and 0.1 molar II" ion 

0.1 molar II 2 S and 1.0 molar ion 

0.1 molar (\n 4 ).>S 

0. 1 molai’ XuiS 


(s— t 

(Molar C’oncont rations) 

1.3 X 1 ()-'■* 

1.3 X 10-*’ 

1.3 X KF‘7 
1.3 X 10-'9 
1-3 X 10--’^ 

2 X 10-5 
5 X 1 0--' 


Pr€>ripitatiori of the Sulftiles, The concentration of the 
siilfido ion, in a ^<olution .satuialnd with hydrogen .sidfide and 
whicli contains livdrogen ion in 1 molar concentration, lias the 
exceedingly low value of about 1.3 X IQ-^' mole per liter. Since 
there are 0x10^^ molecules in one mole, 1.3x10-2' niole 
per liter corresponds to about SOO .sulfide ion.s per liter 
roughly, one ion per ml. (milliliterj. Yet when this solution 
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is added to one containing .001 mole of copper ion, Cu+''", per 
liter, a black precipitate is formed immediately. It might 
seem inconceivable that such a small concentration of sulfide 
ions could cause this rapid precipitation of cupric sulfide, CuS, 
if the reaction mechanism were the simple combination be- 
tween sulfide and cupric ions as represented by the equation, 

Cu++ + S— = CuS(solid) (13) 

The concentration of the bisulfide ion in such a solution is 
very much larger than the concentration of the sulfide ion, 
and conceivably the bisulfide ion, HS", could combine with 
the cupric ions, and hydrogen sulfide would be liberated in 
such a way that the final result would be 

2HS- + Cu++ = CuS(solid) + H 2 S (14) 

In fact, it is not out of the question that an unstable inter- 
mediate compound, Cu(HS) 2 , could be formed which immedi- 
ateh" breaks dowm to form CuS and H 2 S. Such processes are 
known in the formation of oxides by precipitation. For ex- 
ample, when a solution of silver nitrate is added to one of 
sodium h 3 ^droxide, there results a dark brown precipitate of 
silver oxide, Ag20. If the solutions used are dilute, a yellow- 
brown precipitate is first observed, very probabl^^ AgOH, and 
this changes to the brown precipitate of silver oxide with the 
loss of water, 

2 AgOH = Ag20 + H 2 O (15) 

Likewise, cupric hydroxide, Cu(OH) 2 , a blue precipitate formed 
by the addition of a sodium h 3 ^droxide solution to one con- 
taining cupric ion, such as a copper sulfate solution, slowh^ 
changes to black cupric oxide, CuO, when the precipitate is 

heated to 100° C. 

Cu(OH )2 = CuO + H 2 O (16) 

Sulfur and oxygen are in the same group in the periodic 
S 3 ^stem, and h 3 'drogen sulfide is therefore the analogue of 
water. Since hydrogen sulfide dissociates in two steps to give 
sulfide ions, so water undoubtedly does the same to give the 
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oxide ion, O ion, but since we ha\'e no means of measurinjj 
the oxide ion concentration, we have ne^iected it entirely. The 
oxide ion must he present at extremely low concentration, 
much lower than that of the sulfide ion in water solution. In 
view of these considerations it would not l)e surprisinj*- if we 
found that in the case of the precipitation of a sulfide the un- 
stable hydrosulfide first formed and the l)reak(Iown of this to 
the sulfide and hvdroj>en sulfide then occurred. 

I he me(‘hanism of the formation of a sulfide precipitate', or 
any precipitate for that matter, is immaterial in our calcu- 
lations or reasoning involving the solubility' ju’oduct principle. 
\\ e always asstime that eeiuilibriiim is maintained, an<l when 
such is the case, the concentrations of the substances left in 
solution are those calculated by this principle, provided of 
course that the data upon which the calculations are based 
(solubility product constants) are corre(*t. The precii)itat ion 
of a given sulfide will take place for a gi\’en sulfide ion concen- 
tration even though this sulfi<le precipitate is not formed 
directly from its ions. I he ecjuililirium iin’oh ing a i‘elati\*ely 
in>olubl(‘ salt in solution l)eha\’es as though tlie reaction takes 
place directly between its ions, regardless of what intermediate 
com|)ounds may be formed. Kquilihrium has to da only 

nith thf\final result and not uith the means by nhirh 
the result is obtained. 

The Separation of Sulfides into (;roups. If the concen- 
tiation of the sulfide ion in a solution containing some metal ion, 
Me b is so small that the product, (Me-^^)(8--), does not 
exceed the solubility product constant for the metallic sulfide, 
then no precipitate will l)e formed. On the other hand, if the 
sulfide ion concentration is such that this product exceeds the 
solubility product constant, then a precipitate will appear 
providing (1) that a supersaturated solution is not formed and 
(2) that the amount of tlie metallic ion in the solution is sufii- 
cienlly great to give a visible effect. The largest concentration 
of hydrogen ion whu-h can be used conveniently in analysis is 
about 1 molar. This concentration of hvdrogen ion in a 
saturate<l solution of hydrogen sulfide, as we have seen (see 
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Table 23), provides a sulfide ion concentration of about 
molar. It has been shown experimentally that sulfide precipi- 
tates are not visible if they are precipitated from solutions 
more dilute than 10“^ molar. This concentration is therefore 
taken as the limit of visibility of the precipitate. Therefore 
an}^ sulfide of a bivalent metallic ion for which the solubility 
product constant is smaller than the product (10“'* X 10“^* 
= 10“^“) should be precipitated in barely detectable amounts 
in a solution which is 1 molar in hydrogen ion. By referring 
to the table of solubility product constants for some of the 
sulfides given in the Appendix, it will be observed that the 
sulfides of cadmium, copper, lead and mercury are included 
in this group. Other sulfides with greater solubility product 
constants require a greater sulfide ion concentration, hence a 
smaller hydrogen ion concentration, to bring about precipi- 
tation. 

The sulfides are then divided into two groups, (1) those which 
precipitate in acid solution and (2) those which precipitate 
in solutions of low hydrogen ion concentration. In practice 
one group is often precipitated in acid solution and filtered, 
the other group is precipitated by hydrogen sulfide after neu- 
tralizing the solution and making it alkaline. This last pro- 
cedure then increases the sulfide ion concentration sufficiently 
to precipitate all sulfides that were not precipitated in the acid 
solution. 

In practically all cases the precipitation of a metallic sulfide 
requires a much smaller H"*" ion concentration (larger S”" ion 
concentration) than is necessary to dissolve the already precipi- 
tated sulfide. This may be explained on the basis that crystal 
nuclei of the sulfides are not present in the solution and that 
higher concentrations of S ion are necessary to form them. 
Once these have been formed the precipitation takes place 
rapidly. In the case of some sulfides, notably NiS, CoS, and 
ZnS, the freshly precipitated sulfide is not in the form of perfect 
crystals — somewhat amorphous. This freshly precipitated 
form of the sulfide is less stable than the cr^'stalline form. 
Hov ^ever, there is good evidence to indicate that the freshly 
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precipitated form rapidly rearranges to the more stable crys- 
talline form and therefore becomes less soluble in acid solu- 
tion. The solubility product therefore varies with time. For 
some purposes we need to know tlie solubility product of the 
most stable form. However, for purposes of qualitative 
analysis we should like to know the solubility product of the 
freshly precipitated form, for it is with that form that we are 
dealing. The solubility product constants given in Tables in 
the Appendix, wherever data are available, are those of the 
freshly precipitated product. The solubility products of the 
sulfides are less reliable than those of other relativelv insoluble 

V 

precipitates. 

The Precipitation of Ferrous and Zinc Sulfides. If 
acetic acid is added to a .solution whicli is 0.1 molar with respect 
to both ferrous, Fe^+, and zinc, Zn++, ions, until its concentra- 
tion is approximately 0.1 molar, and then hydrogen sulfide is 
passed into this solution, a white precipitate of zinc sulfide will 
he formed. Under these conditions ferrous sidfidc, FeS, which 
is black, is not precipitated. Tlie hydrogen ion concentration 
of a 0.1 M acetic acid solution is approximately 10“’ M. 
From ecpiation (12) we calculate the sulfide ion concentration 
to be about 10“*’ M. Since precipitation occurs we may now 
conclude that the solubility product constant for zinc sulfide, 
ZnS, is less than 10“* x 10“'’ or 10“'’. Since the ferrous .sulfide 
does not precipitate under the.se conditions we might conclude 
that the solubility product constant for ferrous sulfide is greater 
than 10“"*. However, we .should not be entirely justified in 
this conclusion for (1) a supersaturated solution may form and 
(2) the solubility product is different for the first formed small 
crystals. The value given in the tables is u.suallv determined 
for large crystals. As a matter of fact, the solubilitv product 
constant given in the tables (see the Appendix) for ferrous 
sulfide (4 X lO-'") is slightly smaller than IQ-*’. The data from 
which we made our calculation may be in error by this small 
amount (a factor of about two or so) or the effects of supw- 
saturation and small cry.stals may play a significant role here. 

If sodium acetate is added to the solution considered above 
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a black precipitate of the ferrous sulfide is obtained. The 
effect of the addition of sodium acetate is to lower the con- 
centration of the hydrogen ion through the formation of the 
weak acetic acid. 

H+ + Ac- = HAc 

Lowering the hydrogen ion concentration raises the sulfide ion 
concentration to a point sufficient to cause the precipitation of 
ferrous sulfide. The same result could have been achieved by 
the addition of either sodium hj'^droxide or ammonium hy- 
droxide. The hydroxide ion is even more effective than the 
acetate ion in reducing the hydrogen ion concentration. 

When any metallic sulfide is precipitated with hydrogen 
sulfide the hydrogen ion concentration in the solution is in- 
creased during the course of the reaction. 

H 2 S + Me++ = MeS(,>* + 2H+ (17) 

This increase in hydrogen ion concentration may become great 
enough to render the precipitation incomplete. However, if 
hydroxide ion, acetate ion, ammonium hydroxide, or any ion 
or molecule which combines with h 3 ’'drogen ion, is present in 
the solution the reaction proceeds readily with the formation 
of the sulfide, MeS. 

While a 10“^ molar solution of the metallic ion is the approxi- 
mate limit of visibility’- of a precipitate, y^et this is not the 
lower limit of concentration which will discolor some other 
precipitate which might be formed. For example, if zinc sul- 
fide, which when pure is white, is precipitated from a solution 
which contains only a slight trace of ferrous ion, the resulting 
precipitate will be gray. In fact, zinc sulfide seldom appears 
pure white when other ions are also in the solution. The small 
amount of ferrous sulfide which gives rise to the gray color 
may be prevented from precipitating by^ dissolving the gray^ 
precipitate in acetic acid and diluting to about 0.1 molar and 
again adding hy^drogen sulfide. The presence of the hy'drogen 
ions from the acetic acid lowers the sulfide ion concentration 


* (5) is used to denote a solid phase. 
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to a value which will prevent the formation of ferrous sulfide 
and the zinc sulfide will now appear white. 

The precipitation of zinc sulfide and ferrous sulfide have been 
discussed here in order to sliow the important role that the 
hydrogen ion concentration plays in the precipitation of sul- 
fides. The solul)ilit>' product constants of copper and mercuric 
sulfides are so small that the h>'dro^en ion concentration can- 
not be increased sufficiently to prevent precipitation. Any 
sulfide which precipitates from acid solutions will of course 
precipitate from alkaline solutions for which the hydrogen ion 
conc*entration has a smaller, and the sulfide ion concentration 
a larger value. 

(Jarlnftiic Acid anri the l^rccipitatiou of the Carhonat€\^, 

The ionization of carbonic acid in two steps is entirely analo- 
gous to the ionization of hydrogen sulfide. These two steps are 
represented by the equations: 


and 


H,C’()3 = H+ + HCO 3 - 
HC()3- = + CO 3 — 


(ISj 

(U)) 


The biciu'bonate ion, like the l)isulfide ion, is a verv much 
weaker arid tlian tlie acid from wiiich it is derived. Tlie di.-<- 
.-^ociatioii coii.stants for carbonic acid, however, are .somewliat 
larger than the similar constants for hydrogen .sulfide. 


and 


(H")(HCO:r) 


= 4.2 X 10-^ 


(20) 




( 21 ) 


By rmdtiplying equation (20) by equation (21), we obtain 


(H')(HC0£) (H')(C().,— ) 

(H,co 3) (Hco.r) 


Therefore, 


_ (H- jTCXV- ) 

(H^eiOa) 

= 4.2 X 10-' X 4.8 X 10-“ 


(H^)TC(V:) _ ,, 
(H.COa) - “ X 


( 22 ) 



192 


POLYBASIC ACIDS 


A saturated solution of carbon dioxide in water at 1 at- 
mosphere pressure and at 25° C contains about .034 mole per 
liter. Since in this solution such a small fraction of the acid 
dissociates, the undissociated portion is present at very nearly 
the same concentration, i.e., .034 molar. Since the second 
stage of ionization occurs to an extremely small extent, it may 
be neglected in calculating the concentration of the hydrogen 
ion or the concentration of the bicarbonate ion. If X is the 
concentration of each of these ions then, according to equa- 
tion (20), 

(H")(HCQ 3 -) _ ^ ^ 4 2 X 10- 
(H2CO3) .034 ^ 

- 14.3 X 10- = 1.43 X 10- 

X = 1.2 X 10- mole per liter = (H+) = (HCO3-) 


In calculating the carbonate ion concentration in such a 
solution from equation (21), we observe that since the hydro- 
gen ion and bicarbonate ion concentrations are very nearl\' 
the same, they cancel in this expression and the carbonate 
ion concentration is equal in value to the second ionization 
constant, namely, 4.8 X 10““ mole per liter. 

The insoluble carbonates differ markedly from the sulfides 
in the magnitude of their solubilit 3 ' product constants; the 
solubility product constants for the most soluble of the so- 
called insoluble sulfides are considerably smaller in magnitude 
than those for the least soluble of the carbonates. Whereas 
most of the sulfides can be precipitated b^^ the addition ol 
h^^drogen sulfide to solutions of their salts, this is not the case 
for an 3 ^ of the carbonates. The^" cannot be precipitated by the 
direct addition of carbon dioxide gas to solutions containing 
the appropriate metal ions. The product of the concentrations 
of the carbonate ion and the metal ion in such solutions is not 
larger than the solubilit^^ product constants of the respective 
carbonates. From an inspection of the values of the solubility 
product constant of lead carbonate it might appear that it 
could be precipitated from a solution containing lead ions b}^ 
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the direct addition of carbon dioxide gas, but tlie salts of this 
metal hydrolyze (subject to be considered in the next chapter) 
sufficiently to give an appreciable hydrogen ion concentration, 
which in turn lowers the carbonate ion concentration. Just 
as in the case of hydrogen sulfide where an increase in the hy- 
drogen ion concentration is accompanied by a decrease in the 
sulfide ion concentration, so in this case increasing the hydrogen 
ion concentration decreases the carbonate ion concentration. 

The insoluble carbonates can then be precipitated only when 
the carbonate ion concentration is increased. This mav be 
easily brought about by lowering the hydrogen ion concentra- 
don through the addition of a base. As a matter of fact, car- 
l)onic acid is not used for the precipitation of the carbonates 
but rather solutions of soluble carbonates such as sodium 
carbonate or ammonium carbonate, in which the concentration 
of the carbonate ion is relatively high. In qualitative analy- 
tical procedures these soluble carbonates are used to precipitate 

CaCOa, SrC 03 , and BaCO^. 


Examples of Problems Involving Polybasic Acids 

and Sulfide Precipitation 

Example 1, 

Calculate the CO3 concentration in a solution which is 0.1 molar 
in IKM and saturated with CO 2 at 1 atmosphere. In thi.s solution 
the solubility is practically the same as that in water, namely 
.034 molar. 

Since IIC'l is a strong acid the 11-^ concentration is 0.1 M. The 
increase in the concentration of this ion, because of the dissociation of 
\UCih, is ru'gligibly small and may he left out of consideration. 


(II^) HC() 3 — ) 
(iivCOs) 

(()AY(Vih—) 

.034 


= 2 X l0-‘7 


- 2 X 10-'^ 


(CO3— ) - 


.034 X 2 X 10-‘7 


10 -'^ 


= 0.8 X 10-^’ M 
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Example 2. 

Calculate the (H+) necessary to give a (S — ) of 1 X molar 
in a saturated solution of hj'drogen sulfide. H 2 S is soluble to the 
extent of 0.1 M. 


(H+)^(S— ) 

(H2S) 


1.3 X 10-20 


1.3x10-20 

(H+)2 = 1.3 X 10-0 = 13 X 10-' 

(H+) = 3.6 X 10-2 M 

Example 3. 

Calculate the minimum (H+) necessary to prevent precipitation 
of ZnS when a .01 M ZnCh solution is saturated with H 2 S. The /Cs.p. 
for ZnS = 1 X 10-20. 

The (S — ) below which no precipitation of ZnS takes place can 
be calculated from the solubility product constant. 


(Zn-^+XS— ) = .01 X (S— ) = 1 X 10-20. 

(S— ) = 1 X 10-^8 

The (H+) which will be in equilibrium with this (S ) may be 
obtained from the expression 


(H+)2(S— ) X 1 X io-^« 

(HlS) Ol 1.3 X 10 

(H+)2 = 1.3 X 10-2 = 13 X lO-' 

(H+) = 3.6 X 10-2 = .036 M 

Note : This answer should be regarded as only an approximation, 
inasmuch as the solubility product for freshly precipitated ZnS, like 
that of many sulfides, is not accurately known. 


Example 4- 

A solution contains .02 mole of Cd++ ion, .02 mole of Zn++ ion, 
and 1 mole of HCl per liter, and is saturated with HjS at room 

temperature. 

(a) What is the concentration of the S ion in this solution? 

(b) Will CdS precipitate? 

(c) Will ZnS precipitate? 

Since the solubility of HoS in the solution is 0.1 M then we ma^' 
write 
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(H+)^(S— ) (H+)^(S— ) 


(H^S) 


O.l 


= 1.3 X lO--*" 


or 


(H+)2(S-“) = 1.3 X 10 


-21 


If the (H+) is 1 M, then 

(1)HS— ) = 1.3 X 10-21 and (S— ) = 1.3 X lO'^i 

If precipitation of both sulfides takes place, then at equilibrium 
the reactions are 

CdSt.j = Cd++ + S-- 

ZnS(3, = Zn+-i- +S-- 

The solubility product expressions are respectively 

(Cd++)(S--) = G X 10-2^ 

(Zn++)(S--) = 1 X 10-20 

In the case of CdS, the ion product, (.02)(1.3 X 10-2') = 2.0 X 10“2", 
is greater than the solubility product constant, so CdS prec-ipitates. 
On the other hand, the ion product for ZnS, 2.(> X IO- 21 , is less than 
the solubility product constant, so ZnS does not precipitate. 


Example 5. 

Calculate the concentration of the PO^ ion in a 0.1 M solution 

of H3PO4. 

The M3PO4 ionizes in three stages, as follows: 


H3P()4 = + HoPOr 

H.POr = H++ HPO4— 
HPO4— = H+ + POr — 


(1) 

( 2 ) 
(3; 


The o(iuilibriiim expre.s.sions for tlie three stages of ionization are 
respectively 


(n0(H,P04-) 

(H 3 P 04 ) 

(H+)(HP0 4--) 

(HdW) 

(H^)(P04— ) 
(HP04— ) 


= K:, = 7.5 X 10 


-3 


= Ki^ = G.2 X 10-8 


= Ki, = 1 X 10 


—12 
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First calculate (H”*") and (H2PO4 ) from the first stage of ionization 


H3PO4 = + H2PO4- 


Concentrations : 


0.1 -X X 


Therefore 


(H+)(H2P04-) 

(H3PO4) 


X2 


0.1 -X 


X 


= 7.5 X 10“3 


Since the ionization constant is relatively large, X cannot be neg- 
lected in the denominator. Therefore 


or 


X2 = 7.5 X 10-3 (0.1 - X) = 7.5 X 10-* - 7.5 X lO-^ X 

X2 + 7.5 X 10-3 X - 7.5 X lO--* = 0 


Solution of the quadratic equation (see Appendix) gives X = 2.4 X 
10-2 M = (H+) = (H2PO4-) 

Now calculate the (HPO4 ) from the second stage of ionization. 


H2PO4- 


H+ -h HP 04 ''-’ 


Concentrations: (2.4 X IO -2 — X) (2.4 X IO -2 -f- X) X 


Therefore 


(H+)(HP 04 — ) (2.4 X 10-2 4- .Y)(X) 


(H2PO4-) 


(2.4 X 10-2 - X) 


= 6.2 X 10-® 


Since the ionization constant is small, the value of X is negligible 
as compared with 2,4 X 10“2; consequently, X may be neglected 
when it is subtracted from or added to this number. Then 

X = (HPO 4 — ) = 6.2 X 10-3 M 

Finally calculate (PO4 ) from the third stage of ionization. 


HPO4— 




+ PO4- 


Concentrations: (6.2 X 10 ^ — X) (2.4 X 10 ^ X) 


X 


Therefore 


(H+) (PO 4 ) (2.4 X 10-2 ^ X) (X) 


(HPO 4 — ) 


(6.2 X 10-3 - A") 


= 1 X 10 


12 


Again neglecting X in comparison with 2.4 X IO -2 and with 6.2 X lO'® 
on the basis of the extremely small value of the ionization constant 
(1 X 10-*2), the expression becomes 

(2.4 X lQ-2j(X) ^ , 

(6.2 X 10-3) 



Questions and Problems 


197 



(1 X 10-'2)(0.2 X 10-«) 
(2.4 X 10-2) 


2.6 X 10“'® 


Therefore -Y = (PO4 ) ~ 2.6 X 10“'® M. The concentration of the 
PO4 ion in a 0.1 M solution of H3PO4 is approximately 10“'® Af. 


Example 6. 

To 50 ml. of 0.11 M CdS 04 solution is added 5 ml. of 3 Af HCl 
solution. The mixture is then saturated with H^S at room tempera- 
ture and CdS is found to precipitate. What is the concentration of 
the Cd^''" ion left in solution? (Do not neglect the (H+) produced 
by the reaction.) 

Before precipitation the (Cd'*"^) has a value of ff X 0.11 or 0.1 AI. 
The (H+) is /s X 3 or 0.28 AI. The reaction which takes place as 
the CdS precipitates is 

Cd++ + HoS = CdS(,) + 2H+ 

Since the reaction proceeds practically to completion, the increase 
in the (H+) during the course of the reaction is 0.2 AI. Thus, the 
total (H’*') in the solution when ecpiilihrium is reached is 0.28 AI 

0.2 AI or 0.48 AI. In a solution of this (H'''), saturated with H 2 S, 
the (S““) is 

(H+)2(S--) = 1.3 X 10-21 
(0.48)2(S-“) = 1.3 X 10-21 
(S— ) = 5.6 X 10-21 

Since the Cd'*‘+ ion is in equilibrium with the S — ion, 

(Cd++)(S— ) = Ys.P. = 6X 10-27 
(Cd++)(5.6 X 10-21) = 6 X 10-27 

(Cd++) = 1.1 X 10-® AI 

Therefore, the (Cd++) left in solution is 1.1 X 10“® mole per liter. 


Questions and Problems 

1 . Sulfuric acid is usually regarded as a strong acid. In what re- 
spect could it be placed in the category of weak acids? 

2. I^xplain without calculation why zinc sulfide cannot be precipi- 
tated from a solution which is 1 molar with respect to H+ while 
copjjer sulfide can. 

3. Is it necessary that we know the mechanism or steps by which a 
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given reaction takes place in order to apply the Law of Mass 
Action to an equilibrium involving this reaction? 

4. How could you precipitate ZnS from a solution containing Zn"*^ 
and Fe++ without precipitating FeS? 

5. Why cannot insoluble carbonates be precipitated from solution 
by COo or H2CO3 in a way that is analogous to the precipitation 
of the sulfides by H 2 S? 

6. Explain why it is not possible to precipitate slightly soluble 
phosphates from solution with phosphoric acid. 

7. Explain why BaCOs dissolves in dilute HCl solution while BaS 04 
does not. 

8 . What is the concentration of the C2O4 ion in a 0.1 M H2C2O4 
solution? Will such a solution precipitate MgC204 if MgCh is 
added to make the solution 0.1 Af with respect to Mg'^'^ ion? 
(Note: in the H 2 C 2 O 4 solution the concentration of the H"*" ion 
is practically the same as that for the HC 204 “ ion.) 

9. What is the concentration of the S ion in a solution saturated 
with HoS at one-half atmosphere pressure and room temperature? 
What is the concentration of the ion in this solution? (The 
solubility of a gas is proportional to the saturation pressure — 
Henrj'^’s Law.) 

10. What is the H+ concentration in a water solution of H2CO3 
saturated with CO2 at a pressure of 500 lb. per square inch 
(34 atmospheres)? (A solution saturated with CO2 at 1 at- 
mosphere pressure at the same temperature contains .034 mole 
CO2 per liter. Assume Henry's Law applies.) 

11. Calculate the concentration of the H+ ion in the following solu- 
tions. Neglect all but the first step of ionization. 

(a) 0.1 M H2CO3 (e) 0.2 M CICH2COOH 

(b) 0.01 M H2CO3 (f) 0.1 M H3PO4 

(c) 0.01 M H 2 S (g) 0.1 M H 2 C 2 O 4 

(d) 0.04 M H 3 BO 3 

12. Solutions of HCl are saturated with H 2 S. From the total H'*' 
ion concentrations given below, calculate the corresponding S 
ion concentrations. 

H'^ concentration 


(a) 1 X 10-^ M 

(b) 1 X 10-2 M 

(c) 1 X 10-? M 


(d) 1 X 10-1 M 

(e) 1 M 
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13. Plot the results of problem (12) using (H+) as ordinates and 
fR"”) as abscissae. It may be convenient to save this plot for 
future reference. 

14. Five ml. of 6 M HCl is added to 95 ml. of a solution containing 
1 g. ZnS04 and 1 g. CdSO^, and the solution is saturated with IPS 
at room temperature. 

(a) What is the concentration of the H"*" ion before H>S is intro- 
duced? 

(b) What is the concentration of the S~~ ion after the solution 
becomes saturated with H.>S? 

(c) Will CdS precipitate? 

(d) Will ZnR precipitate? 

(e) Explain your conclusions in detail. 

15. Hydrogen sulfide is gradually added to a neutral solution which 
is O.l M in Cd"^"^ ion and 0.1 M in Zn++ ion. Calculate the con- 
centration of the Cd’^^ ion when ZnS begins to precipitate. 

16. To 100 ml. of a hot .03 M solution of PbCl> is added 5 ml. of 
() M HCl solution. When the resulting solution is saturated with 
H-iS, PbS precipitates. How many moles of Pb"*"^ ion are left 
in solution after it has cooled to room temperature? (Do not 
neglect the ID ion produced by the reaction.) 

17. Hydrogen sulfide is added to separate solutions containing 50 mg. 
each of the following positive ions in 1 liter of solution. What 
is the S““ ion concentration when precipitation begins? 

(a) CiC+ (b) Pb-^ (c) Zn++ (d) Hg++ (e) Cd++ 


18. A (piantitative determination of zinc as ZnS is to be made. 
What must be the maximum concentration of the ID ion in the 
solution if no more than 0.3 mg. of Zn++ ion is to be left in a 
100 ml. sample of the solution when saturated with IIS'* 

19. Calculate the R ion concentration in a 0.1 M acetic acid solu- 
tion which is saturated with HjS. 

20. Calculate the approximate concentrations of the following ions 
in a .05 M solution of phosphoric acid. 


(a) ID (b) ipPO-r (c) HPO4— (d) PO4 



Ten ml. of 3 M HCl is added to 200 ml. of a solution containing 
.05 mole of and .05 mole of CdR04, and the solution is 

saturated with H-.R at room temperature. Both ChiR and CdR 
precipitate. How many moles of Cu++ ion and of Cd++ ion are 
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left in solution? (Do not neglect the H'*' ion produced by the 
reactions.) 

22. What must be the minimum concentration of a HCl solution to 
dissolve .01 mole of freshly precipitated ZnS in a liter of the 
solution? 

23- What must be the minimum concentration of a HCl solution to 
dissolve .01 mole of CuS in a liter of the solution? Would it be 
possible to dissolve the CuS under these conditions? 

24. One-tenth mole of Na 2 S 04 and 0.1 mole NaHS 04 are added to 
enough water to make 100 ml. of solution. What is the H"*" ion 
concentration in this solution? HS 04 “ ion is a weak acid with a 
dissociation constant equal to .0126. 

This solution is then made .02 M with respect to each of the 
ions, Zn++, Co^*^, and Ni+'^. It is then saturated with H 2 S. 
Show by calculation that all three sulfides should precipitate. 
In practice only ZnS precipitates under these conditions. This 
is due to the fact that the rate of precipitation of ZnS is rapid 
whereas the rate of precipitation of CoS and of NiS is too slow 
under these conditions. 



CHAPTER 
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The Ionization of Wafer — Hydrolysis 


The Equilibrium hetu'een Water and Its Ions. Water 
is often regarded as a non-conductor of electricitA'. When the 
instruments used in measuring conductance are not exceedingly 
sensitive and when the voltage used is not exceedingly high, 
pure water shows no appreciable conductance. Very sensitive 
instruments, however, show that pure water actually does con- 
duct electricity to a very small extent. This conductance is 
due to the dissociation of a very small fraction of the water 
molecules into hydrogen and hydroxide ions, and in pure water 
the concentrations of these ions must be identical. Therefore, 
water may be regarded both as an acid and as a base. 

Since water is the medium in which all electrolytes are 
dissociated and since water solutions are by far the most com- 
monly occurring solutions in chemistrjA the equilibrium be- 
tween water and its ions is one of the greatest importance in 
all phases of chemistry that deal with solutions, not only in 
qualitative analysis but particularly in the chemistry of all 
plant and animal systems. 

The reaction representing the equilibrium between water 
and its ions is 

H 2 O = + OH- (1) 

If we followed the previously discussed rule regarding equilib- 
rium constants, we would write the equilibrium expression for 
the reaction 
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(H^)(OH-) 

(H^O) 

But the concentration of the hydrogen and hydroxide ions is 
so small in comparison with the large concentration of un- 
dissociated molecules that, for all practical purposes, the con- 
centration of the undissociated molecules (denominator of 
above expression) may be regarded as a constant. One liter 
of water contains 55.5, i.e., moles of water, and if this 

concentration should vary as much as 0.1 of a mole in any 
given reaction, the change in the concentration of the water 
molecules, (H 2 O), would be negligible. Suppose, for example, 
that 0.1 mole of water was used up by some reaction which 
also involved this equilibrium. The amount of Avater left in 
the original 1 liter of solution, after the reaction was completed, 
would now be 55.4 moles instead of 55.5 moles. The difference 
between these two values is less than 0.2 percent and for all 
practical purposes we may regard the concentration of the 
undissociated Avater molecules as not having changed, i.e., 
(HoO) is constant. 

We may, therefore, Avrite 

(H+)(OH-) = K(K,0) 

(H''')(OH") = K X constant 

(H+)(OH-) (2) 


AA’^here Kw = K X constant = iC(H20). is knoAATi as the 

dissociation constant of Avater. It has a value of 1 X 10“^^ 
at room temperature. This means that for pure Avater 


and 


(H+)(OH-) = 1 X 10-1^ 

(H'^) = (OH”) = 1 X 10“' mole per liter 


The equilibrium existing betAA’een AA*ater and its ions (not 
the value of the equilibrium constant) can be shifted or changed 

(1) by the addition of hydroxide ions in the form of a base 
or bA’ the addition of liA'drogen ions in the form of an acid, or 

(2) by the removal of hydrogen ions or hA'droxide ions 
through the addition of some other substance. 

Let us consider the equilibrium betAA'een Avater and its ions 
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(equation 1) and reiterate what is meant by the shift inji of an 
equilibrium. By inereasin*^ the eoneentration of any of the 
s^ubstanees on the right side of the eciuation, hydrogen ion or 
hydroxide ion, the equilibrium is shifted to the left. The 
equilibrium cannot be shifted to the right by increasing the 
concentration of the substance on the left for there is no way 
in which we can increase the concentration of water. The 
water molecules are already as (‘lose togetlua* as it is ])ossible 
for them to be. By decreasing the concentration of (hther the 
hydrogen ion or the hydroxide ion, howe\'er, the etjuilibrium 
is shifted to the right. 

Suppose s(3me sodium hydroxide is add(‘d to pure watca*. 

This increases the conc-entrat ion of the Inah’oxide ion with 

% 

the final result that the hydrogen and hydroxide ions are still 
in (‘ciuilibrium with each otlua’, but the conditions of (Mpiilib- 
rium are not the same as those existing in pure waK'r. Strictly 
speaking, we should not say that the e(iuilibrium is changed, 
for in the end condition there is still an (Miuilibrium involving 
the same sul)stances and the value of the etiuilibrium con- 
stant remains the same, but the conditions of e(juilil>rium iwv 
changed. During the change in the conditions of eciuilibrium 
it is necessary that the con(*ent nition of the h\'drogen ion 

decrease because the concentration of the h\'droxide ion in- 

% 

creases. The onlv wav that the concenti'ation of the hvdrogen 

V • k o 

ion can decrease is by the combination of the hydrogen ions 
with some of the hvdroxide ions to form water. In other words, 

s 7 

the e(iuilibriuin under these conditions is said to sliift from 
right to left to establish the new conditions; i.e., referring to 
etiuation (1), the reaction tliat re-establishes equilibrium is 
that proceeding from right to left. The original concentrations 
of the hydrogen and hydroxide ions were each 10 “' molar before 

ions were introduced. If the final eon- 
^ 1 e* ions, after equilibrium was re- 

established, was 10“^ molar, i.e., 100 times larger, then the 
final concentration of the liydrogen ion must be lO'^-* molar or 

100 times smaller than originally. Thus, under these new 
conditions, 
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(H+)(OH-) = 10-® X 10-^ = 10-'" 

The concentration of the hydrogen ion is always inversely 
proportional to the concentration of the hydroxide ion. If 
one is increased tenfold, the other must be decreased tenfold; 
if one is increased fiftyfold, the other must be decreased fifty- 
fold of the original concentration. In no case does the con- 
centration of either the hydroxide ion or the hydrogen ion be- 
come zero, because the Law of Mass Action would then require 
the concentration of the other ion to be infinite. The con- 
centration of the hydrogen ion in a 1 molar solution of sodium 
hydroxide is about 10“'" molar. Likewise, the concentration 
of the hydroxide ion in a .01 molar solution of hydrochloric 
acid is 10“'^ molar. 

In the process of removing one of the ions of w'^ater by the 
addition of some other substance, new conditions of equilib- 
rium are established by the dissociation of w^ater to produce 
more ions and the equilibrium is shifted to the right (equa- 
tion 1). It is with this process of partial removal of one of 
the ions of water that we are concerned in the problem of 
hydrolysis. 

Hydrolysis. To understand better the process of hydrolysis 
let us consider this same equilibrium from a kinetic standpoint ; 
i.e., from the standpoint of the motions of the molecules. In 
the equilibrium 

H 2 O = H+ + OH- 

we may regard the reaction proceeding from left to right, as 
taking place through collisions of water molecules with each 
other. In the reverse reaction it is necessary that hydrogen 
ions and hydroxide ions collide with each other to react and 
form water molecules. At equilibrium both processes are pro- 
ceeding at the same rate; as much water forms as dissociates. 
Now if it w^ere possible to capture and remove a large part of 
the hydrogen ions as fast as they are formed, how^ w^ould this 
equilibrium be affected? Water molecules w^ould continue to 
dissociate at the same rate as they did previously, and since 
under these conditions the hydroxide ions could find fewer 
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hydrogen ions, the reverse reaction would be temporarily 
blocked and the hydroxide ions would accumulate and increase 
in concentration. 

There are substances which capture hydrogen ions and 
thereby cause an increase in the hydroxide ion concentration. 
The negative ion of any weak acid is a captor of hydrogen ions 
since a weak acid is formed. This process of capture does not 
go on indefinitely, for evidently the weak acid will itself dis- 
sociate to some extent to give hydrogen ions and a negative 
ion, eventually feeding hydrogen ions back into the medium at 
the same rate at which they are removed. The net result is 
that some hydrogen ions are removed and the number of hy- 
droxide ions is increased. 

This is the process taking place in hydrolysis. Let us con- 
sider a specific case, that of adding sodium acetate to water. 
The acetate ions, Ac“, from sodium acetate capture some of 
the hydrogen ions from water to form weak acetic acid mole- 
cules. _____ 

H+ I -hOH- 
+ 

jr 

HAc 

The acetic acid molecules dissociate to give back hydrogen 
ions, but a great number have been effectively removed from 
tlie medium and as a consequence the concentration of the 
hydroxide ion is increased. Another way of expressing this is: 
when acetate ions are added to the solution both acetate and 
hydroxide ions are competing for the hydrogen ions and there- 
fore the concentration of the hydrogen ion is lowered. Reason- 
ing on the basis of the equilibrium expression for water, the 
hydroxide ion concentration must be increased if the hydrogen 
ion concentration is decreased. 

Similarly, the hydroxide ion may be captured, thereby in- 
creasing the concentration of the hydrogen ion. .Ammonium 
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ion, NH 4 “^, is a captor of hydroxide ions. Any salt of am- 
monium hydroxide, such as ammonium chloride, ammonium 
sulfate, or ammonium nitrate, when added to water, will 
hydrolyze to produce a small amount of NH4OH and give an 
acid solution. It follows then that salts of weak acids and 
strong bases give alkaline solutions (OH“ ions in excess) and 
salts of strong acids and Aveak bases give acid solutions (H"*" 
ions in excess). 

Salts of strong acids and strong bases do not hydrolyze. 
The ions of these salts do not have the ability to capture either 
hydrogen ions or hydroxide ions. To illustrate this point let 
us consider a solution of sodium chloride which is a salt of a 
strong acid (HCl) and a strong base (NaOH). In this solution 
neither the sodium ion nor the chloride ion has any tendenc}^ 
to capture either the hydrogen ion or the hydroxide ion, for 
both HCl and NaOH in solution are 100-percent ionized. 

The salts of weak acids and weak bases hydrolyze to a rela- 
tively large extent, capturing both the hydrogen ion and the 
hydroxide ion, and their solutions will be either basic or acidic 
depending upon which is the weaker, the acid or the base 
formed in the hydrolysis process. For example, a solution of 
ammonium cyanide, NH4CN, will give an alkaline reaction 
because hydrocyanic acid, HCN, is weaker as an acid than is 
ammonium hydroxide as a base ; that is, HCN tends to hold 
the hydrogen ions more tightly than NH4OH holds the h}'- 
droxide ions. 

We may write the reaction occurring during the hydrob'sis 
of sodium acetate as follows : 

Ac- + H 2 O = HAc + OH- (3) 

The reaction proceeding from left to right is that which repre- 
sents the capture of hydrogen ions by acetate ions. It is to 
be noted that this equation represents the over-all reaction. 

By this we mean that it tells us only what disappears and 
what is formed regardless of the intermediate steps. The 
reaction for hydrolysis is noty as one might expect, 

H+ + Ac- = HAc i 

i 
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even though the water miglit first dissociate to give liydrogen 
ion. It is only one step of the hydrolysis reaction. In the over- 
all process water molecules and acetate ions ultimately dis- 
appear while hydroxide ions and acetic acid molecules are 
formed. 

The equilibrium expression for reaction (3) is 


(HAc)(OH-) 

(Ac-) 


= Ku 


( 4 ) 


As in the case of the equilibrium expression for water, the 
concentration of the water molecules, (H->0), does not vary 
appreciably and is therefore omitted from the denominator 
of this expression. We may obtain the value of Kh from 
the values for the ionization constants of water and of acetic 
acid, the only two weak substances involved in the ecjuilib- 
rium. In every aqueous solution the H *■ and OH“ ions are in 
ecjuilibrium with each other and 


(H^)(OH-) = Kw or 


(OH-) = y 


AAv 


(H-) 


Substituting 


Aw 

(H^) 


for (OH ) in equation (4), we obtain 


(HAc)A^ 

(Ac-)(H-) 


= Ah 


But 


(HAc) 


(Ac-)(H^) 


1 

A;V 


is equal to 7 ^-- Therefore 


Ka " 1.85xl0-'> 



We ma\’ verify this relationsiiip in the following way 

Kw_(H+)(OH-) (HAc)(H+)(OH-) (HAc)(OH-) ,, 

Xa ^H+)(Ac7 (H+KAc-) “ (Ac-) 

(HAc) 

Similarly, the equilibrium expression for the hydrolysis of 
an ammonium .salt, 
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NH 4 + + H 2 O = NH 4 OH + H+ 


( 6 ) 


becomes 

(H+) (NH 4 OH) 

(NH 4 +) ** 



Substituting 


(OH-) 


for (H+) in equation (7) we obtain 



Kw 

Ki (for the base) 



A salt of a weak acid and a weak base hydrolyzes to a large 
extent. This is to be expected since both H+ and 0H~ ions 
are captured by the negative and positive ions of the salt. 
Ammonium cyanide is a salt derived from ammonium hy- 
droxide and hydrocyanic acid. In water ammonium cyanide 
hydrolyzes in accordance with the equation, 

NH 4 + -h CN- -I- HaO = NH 4 OH + HCN (9) 


The equilibrium expression for this reaction is 

(NH40H)(HCN) „ 
(NH 4 +)(CN-) ® 


By multiplying both the numerator and the denominator by 
(H+)(OH“), it can easily be shown that 



Kw 

Ki (acid) X Ki (base) 



The salts of polybasic acids hydrolyze in two or more steps. 
For example, sodium sulfide, Na 2 S, a salt of a dibasic acid, 
hydrolyzes as follows: 

S— -I- H 2 O = HS- -I- OH- (11) 


and 


HS- + H 2 O = H 2 S + OH- 


The hydrolysis constant for reaction (11) is 

(HS-) (OH-) 1 X 10-»^ 

(S^^) K 2 1.3 X 10-'* 


.077 


( 12 ) 
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and that for reaction (12) is 


(H.,S)(OH-) A'w 1 X 10-” 


(HS-) 


Ai 1 X 10 


= 1 X 10 




It will be observed that the hydrolysis constant for reaction 
(11) is very much larj^er than tliat for reaction (12). This 
fact is very sif^nificant, for it means that the hydrolysis pro- 
diu'ed by the second step is net>;lip;ible as comparcHl with that 
for the first step, and in calculating^ the hydroxide ion concen- 
tration or the sulfide ion con(*entration in solutions of soluble 
sulfides only the first step of hydrolysis need be considered. 

Note that in eciuation (11) for the liydrolysis of tlie sulfide 
ion (first step) an ecpiilibrium exists between the sulfide ion 
and the bisulfide ion. The same ions are also involved in the 
eciuilibrium for the seconrl step of ionization of hydrogen sul- 
fide (HS“ = -|- S“”). Therefore in cahailatinj^ the hydroly- 

sis constant for the yirst step of hydrolysis, Kw and the ioni- 
zation constant for the second step of ionization are involved. 
C'onversely, the second step of hydrolysis (ecpiation 12) is 
concerned with the first step of ionization of hvdrotren sulfide, 

(H,S = H' + HS-). 

The concentration of the hydrogen ion produced in solutions 
of salts of weak acids and strong bases, besides varying witli 
the concentration of the salt, varies considerably from salt to 
salt, depending upon the relative weakness of the acid which 
is formed in the hydrolysis process. The larger the hydrolysis 
constant for such a salt, the greater will be the degree or extent 

'sis, and therefore the greater the hydroxide ion con- 
centration. The degree of hydrolysis is the fnicliotud a?)ioiint 
of (he ions which hydrolyze, i.e., the fractional part of the ions 
of the weak acid or base that iiave reacted with water. Equa- 
tion (5) tells us that the hydrolysis constant will he larger the 
smaller the dissociation constant for the acid, i.e., the weaker 
the acid. The hydroxide ion concentration in a 0.1 molar 
solution of sodium acetate is about 10“^ molar; in a solution, 
0.1 molar in sodium cyanide, about lO’^ molar; in a 0.1 molar 
solution of sodium carbonate, approximately ox lO-^ molar, 
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while that in a 0.1 molar solution of sodium sulfide is almost 
.06 molar. In the last case about 60 percent of the sulfide ion 
hydrolyzes to produce the hydroxide ion. These examples are 
summarized in Table 24. Note that as the constant for the 
acid decreases the constant for hydrolysis and the hydroxide ion 
concentration increases. 

Table 24 

Hydrolysis of Salts of Weak Acids 


Solution 

Weak acid 
formed 




Ah 

(OH-) in. 
0.1 M soil! 
fapprox.) 

Sodium nitrite 

Nitrous 

4.6 

X 10-* 

2.2 

X 10-“ 

1.5 X 10"* 

Sodium acetate 

Acetic 

1.85 X 10“^ 

5.4 

X 10-1® 

7 X l0-« 

Sodium carbonate 

Bicarbonate ion 

4.8 

X 10-“ 

2.1 

X 10-* 

5 X 10-® 

Sodium sulfide 

Bisulfide ion 

1.3 

X 10-1® 

.077 


6 X 10-® 


Examples of Hydrolysis. When a solution of ferric chlo- 
ride is added to one containing sodium carbonate, a dark red 
precipitate of ferric hydroxide is formed and carbon dioxide 
is liberated from the solution. The hydroxide ion concentra- 
tion in the sodium carbonate solution, formed by hydrolysis, 
is sufficient to precipitate the ferric hydroxide. Even though 
the carbonate ion concentration in the solution may be more 
than 100 times as great as the hydroxide ion concentration, 
the ferric hydroxide will still precipitate in preference to ferric 
carbonate. If ferric carbonate were very insoluble as compared 
with ferric hydroxide, this would not be the case. Then the 
carbonate would precipitate in preference to the hydroxide. 
(If a soluble silver salt is added to a solution containing 
sodium carbonate, the carbonate and not the hydroxide (or 
oxide) will precipitate.) 

The reaction taking place when ferric hydroxide is precipi- 
tated by a solution of sodium carbonate is 

Fe+++ -h 3 CO 3 — + 3 H 2 O = 3 HCO 3 - + Fe(OH)3(„ (13) 

This is followed by the reaction, 

Fe+++ + 3 HCO 3 - -I- 3 H 2 O = 3 H 2 CO 3 -I- Fe(OH)3(rt 


(14) 
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The carbonic acid formed in the last reaction breaks down into 
water and carbon dioxide. It is to be noted that it is only by 
virtue of the hj^drolysis of the carbonate and bicarbonate ions 
that the precipitation of ferric hydroxide takes place. These 
reactions may be written: 

CO3— + H,0 = HCO3- + OH- (15) 

HCO3- 4- H.O = H 2 CO, -f OH- (16) 

The ferric ion may then be considered to combine with the 
hydroxide ion produced by equations (15) and (16) to form 
ferric h^'droxide: 

Fe+++ + 30H- = Fe(OH)3u) (17) 

I 

However, the over-all reaction includes only those substances 

7 V 

which ultimately disappear and those which are formed and 
is expressed by the summation of equations (13) and (14). 

2Fe+-"+ + 3CO3-- + 6H>0 - 3H,C03 4- 2Fe(OH)3,«) (IS) 

The soluble aluminum and chromium salts behave in an 
entirely analogous manner; aluminum hydroxide, Al(OH)3, 
and chromium hydroxide, Cr(OH)3, are formed in these cases. 
The same argument that has been given for the precipitation 
of ferric liydroxide by the carbonate solution may be applied, 
part for part, to the precipitation of the hydroxides of these 
two metals. 

Ferric hydroxide is so insoluble that it may be precipitated 
from a solution containing a ferric salt by the addition of the 
relatively insoluble barium carbonate. The small amount 
of carbonate ion which enters the solution (/Cg.p.BaCOs = 
1.6 X 10“®) is sufRcient to produce enough hydroxide ion to 
pre(‘ipitate ferric hydroxide, but (COa"-) is not great enough 
to precipitate the carbonates of the zinc group. Therefore, 
since the hydroxides of the aluminum group are precipitated 
by this solution, BaCOs is sometimes used as a means for 
tlie separation of the zinc and the aluminum groups. 

Ferrous hydroxide, Fe(OH)2, is not precipitated by solu- 
tions of soluble carbonates. The basic ferrous carbonate. 
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Fe2(0H)2C03, is sufficiently insoluble so that it precipitates 
in preference to the normal carbonate when a solution of sodium 
carbonate is added to one containing ferrous ion. If, however, 
ammonium carbonate is used in place of the sodium carbonate 
solution, ferrous carbonate rather than the basic ferrous car- 
bonate will be precipitated. The presence of the ammonium 
ion in the ammonium carbonate solution lowers the hydroxide 
ion concentration (ammonium hydroxide is formed) to such 
an extent that the precipitation of ferrous carbonate is favored. 
As would be expected, the hydroxide ion concentration in a 
solution of ammonium carbonate, due to the hydrolysis of the 
ammonium ion, is smaller than the hydroxide ion concentra- 
tion in a solution of sodium carbonate of the same concentra- 
tion. The hydrolysis of the ammonium ion furnishes hydrogen 
ions which in turn use up available hydroxide ions in the solu- 
tion. 

When salts are said to be unstable in solution, these sub- 
stances usually are decomposed in solution through hydrolysis 
with the formation of a precipitate or with the evolution of a 
gas. Aluminum sulfide, for example, when dissolved in water 
will form the insoluble aluminum hydroxide and hydrogen 
sulfide gas will be evolved. The aluminum ion, Al"*'"'^, first 
formed reacts with the hydroxide ion of water, and the sulfide 
ion with the hydrogen ion of water. The net result of this 
double hydrolysis is 

2 A 1 +++ + 3 S— + 6H2O - 2A1(0H)3(,) + 3H2S(,) ( 19 ) 

There are many examples of salts of this kind that cannot 
be dissolved in water and recovered again by crystallization. 
In fact, many salts hydrolyze to such an extent that they are 
decomposed by the water vapor in air. 

When a relatively insoluble carbonate such as barium car- 
bonate, BaCOs, is dissolved in water an appreciable amount 
of the carbonate ion hydrolyzes to form the bicarbonate ion. 
The concentration of the barium ion accordingly is not the 
same as the concentration of the carbonate ion under these 
conditions. The concentration of the barium ion is practically 
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equal to the sum of the concentrations of the carbonate and 
bicarbonate ions. Through this process of hydrolysis the 
solution becomes very slightly alkaline. This equilibrium is 
represented in the following equation: 

BaC03(solid) = Ba++ + CO3— 

+ 

HoO = HCO3- + OH- 

or, BaCOaCsolid) + H2O = Ba++ + HCO3- + OH" (20) 

The hydrolysis of the bicarbonate ion to form carbonic acid 
and hydroxide ion is negligible. 

The relatively insoluble sulfides behave in exactly the same 
way ; the sulfide ion hydrolyzes to give bisulfide and hydroxide 
ions. In calculating the solubility of either a relatively in- 
soluble sulfide or carbonate from the solubilit}' product con- 
stant, account must be taken of this hydrol^^sis process which 
involves the sulfide or the carbonate ion, as the case mav be. 

The concentrations of the different ions in equilibrium in a 
solution of a soluble bicarbonate such as sodium bicarbonate, 
NaHCOs, cannot be accounted for by a simple process of 
hydrolysis. The equilibrium in this case is somewhat more 
complicated. The bicarbonate ion hydrolyzes to produce 
carbonic acid and the hydroxide ion, 

HCO3- + H2O = H2CO3 + OH- (21) 

but the bicarbonate ion produces hydrogen ion through dis- 
sociation. 

HC03- = H+ + C03“- (22) 

d ion produced according 
to equations (22) and (21) respectively, will combine to form 
water. If processes (21) and (22) were to occur to the same 
extent, then a solution of sodium bicarbonate would be neu- 
tral. By experiment we find that a sodium bicarbonate solu- 
tion is very slightly alkaline, a fact w'hich indicates that process 
(21) occurs to a slightly greater extent than process (22). Bv 
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summing up the reactions considered above, we obtain the 
over-all reaction, 

2HCO3- = H2CO3 -t- CO3— ( 23 ) 

The H2CO3 and the CO3 ion concentrations in a solution of 
sodium bicarbonate are very nearly the same. 

Hydrolysis must also be taken into account to explain the 
properties of some of the common substances that are en- 
countered in everyday life. Lye (sodium hydroxide) and 
ammonium hydroxide are two well known cleansing agents. 
The cleansing property of these substances is attributed in 
part to the hydroxide ion which reacts with fats and oils to 
produce soaps. Since the hydroxide ions can be produced by 
the hydrolysis of salts of weak acids, these substances also 
have the same property as that of the two hydroxides just 
mentioned. The common salts used for this purpose are wash- 
ing soda, Na2C03, borax, Na2B407, water glass, Na2Si03, and 
tri-sodium phosphate, Na3P04. The weaker the acid which is 
produced by hydrolysis, the greater will be the concentration 
of the hydroxide ions. Of the four substances just considered, 
tri-sodium phosphate produces the greatest hydroxide ion 
concentration, since the ion, HPO4 , is the weakest acid in- 
volved. 

PO4— - -t- H2O = HPO4— -h OH- ( 24 ) 

Sodium silicate is one of the constituents of laundry soap and 
through its hydrolysis action increases the concentration of 
the hj'droxide ion of the soap solution. Washing powders 

contain some hydrolyzable salt. 

The common constituent of all baking powders is sodium 
bicarbonate. The other chief constituent is a substance which 
in solution furnishes the hydrogen ion which reacts with the 
bicarbonate ion to produce carbon dioxide gas. In some 
brands of baking powders the hydrogen ion is produced bj' a 
weak acid such as tartaric acid or an acid salt, while in others 
almninum sulfate is used, which through the process of hj'- 
drolysis produces the hj^drogen ion and aluminum hydroxide. 
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The ISeutralization of W^eak Acids and Ueak Bases. 

When 0.1 mole of hydrochloric acid is neutralized in solution 
bv 0.1 mole of sodium hydroxide, the .solution produced could 
be exactly reproduced by the adthtion of 0.1 mole of sodium 
chloride to the same amount of water. When the acid and the 
base haye just neutralized each other, the solution is neither 
acidic nor alkaline, for sodium chloride does not hydrolyze. 
If, on the other hand, 0.1 mole of acetic acid is neutralized in 
solution by exactly 0.1 mole of sodium hydroxide, the sodium 
acetate solution does not contain the same number of hydrogen 
ions as hydroxide ions. When a weak acid is neutralized by 
a strong base the end point of the neutralization does not occur 
when the concentrations of the hydrogen and hydroxide ions 
are the same, but rather when the solution is slightly alkaline. 
The concentration of the hydrogen ion or of the hydroxide ion 
at the neutralization point will depend upon the concentrations 
of the substances involyed and upon the ionization constant of 
the acid formed in the hydrolysis process. 

The process of neutralization of weak acids by strong bases 
may be illustrated by a specific example. Suppose 50 ml. of 
a 0.1 molar solution of hydrocyanic acid, HCN, is to be neu- 

v- V f f 

tralized by 50 ml. of a 0.1 molar solution of sodium hydroxide. 
What will be the hydrogen and hydroxide ion concentrations 
at the point of neutralization? The final solution, through 
the addition of the two equal volumes, will be .05 molar with 
respect to sodium cyanide. The problem is then to calculate 
the hydrogen ion and the h^^droxide ion concentrations in this 
solution. The equation representing the hydrolysis equilib- 
rium is 

CN- + H 2 O = HCN + OH- (25) 

Let X be the concentration of the hydroxide ion. Then X 
must also be the concentration of the HCN, and .05 - X is 
the concentration of the cyanide ion at equilibrium. Since 
we might expect the amount of cyanide ion hydrolyzed to be 
small as compared with the total amount of cyanide ion present, 
we may simplify this and let the concentration of the cyanide 
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ion be practically equal to .05 molar rather than .05 - X. 
Then, 

(HCN) (O H-) 10-1^ 

(CN-) .05 Xa 4 X 10-*“ ~ ^ 

= 1.25 X 10-« 

X = 1.1 X 10-“ mole per liter = (OH-) 

% 

The concentration of the hydrogen ion is ^ = 9 X 10"^=* 

1.1 X 10~^ 

mole per liter. The hydrogen ion concentration in this solution 
is 11,000 times smaller than that for pure water (10“^ molar), 
and the hydroxide ion concentration is 11,000 times larger. 

In selecting an indicator for this reaction under the condi- 
tions stipulated above, we should choose one that changes 
color as near as possible to the calculated hydrogen ion con- 
centration. By referring to the table on page 137, we find that 
thymol phthalein would be the most suitable indicator. If 
methyl orange were used, the final solution obtained would 
still contain a large excess of the acid at the end point and 
would not be neutralized. 

Buffer Solutions, Buffer solutions are solutions contain- 
ing weak acids or weak bases together with the salts of weak 
acids or bases and have the property of maintaining a hydrogen 
ion concentration which is affected only slightly by the addi- 
tion of appreciable amounts of either acid or base. 

A solution containing 0.1 mole of acetic acid and 0.1 mole 
of sodium acetate per liter is such a buffer solution. Its hy- 
drogen ion concentration is about 1.85 x 10~^ molar. A solu- 
tion containing 1.85 X 10”® mole of hydrochloric acid per liter 
would also have the same hydrogen ion concentration as the 
buffer solution described above, but its action toward acids 
and bases would be entirely different from that of the buffer 
solution. If 1.85 X 10"® mole of sodium hydroxide is added to 
1 liter of the above hydrochloric acid solution, the resulting 
solution would be neutral to the hydrogen ion, i.e., the hydro- 
gen ion concentration would be 10”^ molar. Upon the addition 
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of 1.85 X 10“^ mole of sodium hydroxide to 1 liter of tlie buffer 

A 

solution, the hydrogen ion concentration would not be appreci- 
ably affected. 

A 

To understand better the action of the buffer solution, let 
us consider the equilibrium between the acid and its ions: 

HAc = H- + Ac- 


(H+ )(Ac-) 

(HAc) 


= 1.85 X 10-5 


(H+) = 


X 1.85 X 10-5 

(Ac-) 


(2(5) 


When the concentrations of the acetic acid molecules and of 
the acetate ions are made equal as they were in the example 
aboye, the concentration of the hydrogen ion has the same 
yalue as the dissociation constant. If as much as .05 mole of 
sodium lu'droxide is added to 1 liter of the buffer solution 
(0.1 mole acetic acid and 0.1 mole of sodium acetate per liter), 
the hydrogen ion concentration will be affected relatiyely little. 
I nder these conditions, ,05 mole of the acetic acid has been 
neutralized by the added sodium liydroxide, and the solution 
now consists of .05 mole acetic acid and 0.15 mole of sodium 
acetate. Now the hydrogen ion concentration is 

(H+) = X 1.85 X 10-5 = X 1.85 X 10-5 = 0.6 x 10-5 

(Ac ) O.lo 

The hydrogen ion coneentration lia.s been lowered only three- 
fold by the addition of the sodium hydroxide. In a like manner, 
the addition of .05 mole of hydro(*hloric acid to the original 
bufler solution will increase the hydrogen ion concentration 
only threefold. In this case, the hydrogen ions produced by 
the hydrochloric acid combine with the acetate ions and are 
remoyed in the form of acetic acid molecules. After the 
hydrochloric acid has ]>een added, tlie final solution will con- 
tain 0,15 mole of acetic a(*id and .05 mole of acetate ion and 

0.15 

(HM = 05 ^ X 10 '" = 5.5 X 10“*" mole per liter 
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The following table illustrates the buffer action of an 
acetic acid-sodium acetate solution in its ability to absorb 
either a strong acid, such as h^'^drochloric acid, or a strong 
base, such as sodium hydroxide, with but little change in the 
concentration of the hydrogen ion. By adding as much as 

Table 25 


Buffer Action of a Solution Containing 0.1 Mole of 
Acetic Acid and 0.1 Mole op Sodium Acetate 

PER Liter 


ml. of 0.1 molar 
NaOH added to 

1 liter of buffer 
solution 

(H+) of final 
solution 

ml. of 0.1 molar 
HCl added to 

1 liter of buffer 
solution 

(H+) of final 
solution 

0 

0.0000185 

0 

0.0000185 

5 

0.0000183 

5 

0.0000187 

10 

0.0000181 

10 

0.0000189 

25 

0.0000175 

25 

0.0000195 

50 

0.0000167 

50 

0.0000204 

75 

0.0000159 

75 

0.0000215 

100 

0.0000151 

100 

0.0000226 


100 ml. of either 0.1 molar hydrochloric acid solution or 0.1 
molar sodium hydroxide solution to 1 liter of the buffer solu- 
tion, the hydrogen ion concentration remains within the limits 
1.51 X 10“^ and 2.26 X 10~^ mole per liter. By this treatment 
the hydrogen ion concentration of the original solution does 
not vary more than 25 percent. In contrast to this, if 100 ml. 
of 0.1 molar hydrochloric acid were added to pure water, the 
hydrogen ion concentration would increase 100,000-fold. 

The above solution was such as to maintain the h 3 ^drogen 
ion concentration in the neighborhood of 10“^ molar. If it is 
desired to maintain the hydrogen ion concentration at a differ- 
ent value, a different acid and salt should be chosen. If it is 
desired to maintain the h^^drogen ion concentration at about 
10“® molar (OH“ ion concentration of 10“^ molar), then h^^dro- 
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cyanic acid and potassium cyanide might be used, for this 
acid has an ionization constant equal to 4 x 10“*“. However, 
for most work this acid would be unsuitable because of its 


toxic nature. 

Ions and salts of polybasic acids also form buffer solutions. 
For example, a solution of sodium bicarbonate is a buffer 
solution. The bicarbonate ion, HCO3", is an ion of a salt of 
a weak acid; NaHCOs is the salt and H2CO3 the acid from 
which it is derived. Furthermore, the bicarbonate ion is itself 
a weak acid, dissociating to form hydrogen ions and carbonate 
ions. When hydrochloric acid is added to a solution of sodium 
bicarbonate, carbonic acid is formed and the hydrogen ion 
concentration of the solution is changed very little. If sodium 
hydroxide is added to this same solution, the carbonate ion is 
formed, 

HCO3- + OH- = H.O + CO3— ( 27 ) 


and again the hydrogen ion concentration is little affected. 

Blood is a good example of a buffer solution. The principal 
ion and acid responsil)le for the buffer action of blood are the 
HCO3- ion and H2CO3. When excess hydrogen ion enters the 
blood stream it is absorbed principally by the reaction 

H+ + HC03“ = H0CO3 ( 28 ) 

and when excess hydroxide ion is formed it disappears through 
the reaction 

OH- + H2CO3 = H2O + HCO3- ( 29 ) 

By this mechanism the hydrogen ion concentration in the 
blood stream remains remarkably constant — very slightly 
alkaline. Besides the UCOr and H2CO3, there are other 
buffering substances, such as HPO4 — , H2PO4- and hemo- 
globin, which also help control the H+ ion concentration. 

When carbon dioxide is produced in the tissues by meta- 
bolic processes, carbonic acid is formed, which in turn dis- 
sociates to produce hydrogen and bicarbonate ions. The 
hydrogen ion produced by this reaction is absorbed by the 
buffer action of the blood. When oxygen is breathed into the 
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lungs it reacts with the hemoglobin and as a result of this 
reaction the hemoglobin becomes a stronger acid and a large 
excess of hydrogen ions results. These hydrogen ions, which 
locally cannot be completely absorbed by the buffer action 
of the blood, now combine with the bicarbonate ions to form 
excess carbonic acid (CO 2 and H 2 O). The carbon dioxide is 
then exhaled from the lungs. 

The Hydrolysis of Metal Ions. A large number of metal 
ions hydrolyze to give acid solutions. We therefore conclude 
that the corresponding bases of these ions are weak. Many, 
of these metal ions form polyacid bases, i.e., more than one 
ionizable OH radical is associated with the metal ion. Before 
considering the problem of the hydrolysis of these ions let us 
first examine the properties of these polyacid bases. Most of 
the pol 3 "acid bases are very insoluble, e.g., Al(OH) 3 , Pb(OH )2 
and Fe(OH) 3 . Without doubt these hydroxides ionize in two 
or more stages just as poly basic acids ionize in more than one 
stage. The equilibrium reactions between Fe(OH) 3 , for ex- 
ample, and its ions, when it is dissolved in water, can be ex- 


pressed by the following equations. 

Fe(OH) 3(«) — Fe(OH )3 (30) 

Fe(OH)3<.„,n.) = Fe(OH)3+ + OH" (31) 

Fe(OH) 2 + = Fe(OH)++ + OH- (32) 

Fe(OH)++ = Fe+++ + OH- (33) 


Just as there are no polybasic acids which in moderate 
concentration ionize to the extent of 100 per cent in any but the 
first stage of ionization so we may assume that polyacid bases 
behave similarly. But it must be borne in mind that most of 
the polyacid bases are very insoluble and therefore the con- 
centrations of the ions in equilibrium with them must be very 
small. Because of the small concentration — which is equiva- 
lent to a very high dilution in solutions of soluble bases — all 
stages can be considered as being practically completely dis- 
sociated. 

Zinc hydroxide, for example, is very insoluble. Therefore 
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the amount of uiidissoeiated and dissolved Zn(OH )2 in ecjui- 
librium with the solid must be very small. 

Zn(OH),<., - Zn(OH),(3oin.) (34j 

The undissociated Zn(OH )2 will ionize first as 

Zn(OH)2(3oin.) = Zn(OH)+ + OH" (3o) 

and then will be further ionized in the following manner: 

Zn(OH)+ - Zn++ + OH"* (36) 

Just as a 1 X 10"^ M solution of HAc is ionized to the extent 
of 70 percent, while a 1 M solution is ionized to the extent of 
only 0.4 percent so, because of the low concentration, we might 
expect these insoluble bases to be highly ionized in spite of 
the fact that the ionization constants may be small. We 
lack data on the ionization constants for the various steps in- 
\'olved in the dissociation of most polyacid bases and therefore 
we group all stages of dissociation into a single reaction. For 
example, reactions (34), (35), and (36) may be grouped into 
the one reaction 

Zn(OH)..(.) = Zn++ + 20H- (37) 

In view of the extreme insolubility of many polyacid bases 
this procedure will often be satisfactory. But when we con- 
sider the hydrolysis of the metal ions the problem is quite dif- 
ferent since the concentration of these ions is usuallv not small. 

If 0.1 mole of ZnCl> is dissolved in one liter of water the solu- 
tion is found to be decidedlv acidic. The reason for this is that 

V' 

the Zn"^^ ion undergoes hydrolysis, the first stage of which may 
be represented by the equation 

Zn++ + H>0 = Zn(OH)+ 4- H+ (38) 

The concentration of the Zn^+ ion is high (approximately 
0.1 M) but since the amount of hvdrolvsis is relativelv small 
the concentrations of the Zn(OH)'*‘ and of the H-* ions are 
small. The second stage of hydrolysis is much smaller than 
that of the first stage and may be neglected, since the concen- 
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tration of the Zn(OH)+ ion is itself very small. However, the 
reaction for the second stage of hydrolysis is 

Zn(OH)+ + H^O = Zn(OH) 2 „o,„, + H+ (39) 

To calculate the hydrolysis constant for equation (38) it 
is necessary that we know the value of the ionization constant 
for equation (36) . It cannot be calculated by using the ioniza- 
tion constant for equation (37). The ionization constant for 
(36) is known to have a value of 4 x 10“®. The hydrolysis con- 
stant for the reaction represented by equation (38) is there- 
fore equal to 


(Zn(OH)+)(H+) K 


W 


(Zn++) 


-K^2(base> 4 X 10-^ 


1 V 

Irr = 2.5 X 10-'» = 


If we let X equal the number of moles of Zn^ ion undergoing 
hydrolysis, then at equilibrium (Zn(OH)+) will be X, (H**") 
will also equal X, and (Zn"*^) will have a value of (0.1 — X). 
Neglecting X as compared with 0.1 we have 


X2 

0.1 


= 2.5 X lO-'*" or X2 = 25 X 10“ 


12 


X = 5 X 10 ® mole per liter = (H+) 


Therefore the degree of hydrolysis is 


5 X 10-« 

0.1 


or 5 X 10"®. 


On a percentage basis the extent of hydrolysis is therefore 
.005 percent. The solution is found to be decidedly acidic, 
according to the calculation we have just carried out. 

The constants for the different stages of ionization are not 
known for most hydroxides. Therefore we cannot calculate 
the hydrolysis constants for most positive metal ions which we 
know are hydrolyzed in solution. 

If the hydroxide of a metal ion is insoluble we may conclude 
that the metal ion will hydrol 3 ^ze to give an acidic solution. 
We base this conclusion on the assumption that the insolu- 
bility of the hydroxide is in part due to a firm binding between 
the metal ion and the OH“ ions. We ma^^ also assiune that if all 


Hydrolysis and the Breasted Definitions 


223 


of the OH” ions? are held firmly, for example by the A1+++ ion 
in forming Al(OH)3, then there .-should also be a firmer l)inding 
between the A1+++ ion and the fii-j^t OH” ion to form Al(OH)++. 
If such is the case, A1+++ ion in water should hydrolyze. This 
reasoning can be applied to any ion which forms an insoluble 
hvdro.xide; the facts are in accortl with this postulate. Prac- 
ticallv all metal ions other than those of the alkali or alkaline 
earth {*;roups hydrolyze to give acidic* solutions. 

It has been our custom to write the symbol for a multi\'alent 
positive ion in its simplest form. For example, if SnCb is 
dissolved in water we often write the formula for the resulting 
stannic ion as Certainly this cannot be correct. 

Very probably most of the ions in such a solution are present 
as SnCl+++ and SnCb"*^^ ions and very few of them are in the 
form of ion. If HCl is present in the solution in 

excess, then the predominating ion is probably SnCU"". 
However, we have no definite information relative to the 
composition of many ions of this type and therefore we use 
the simplest symbols or formulae possible. The same situation 
undoubtedly exists with and other trivalent and 

higher valent ion salts. 

Hydrolysis and the Bronsted Di^finitions.* If the Br0n- 
sted definitions of acids and bases are to be adopted con- 
sistently, then the term hydrolysis becomes superfluous. Wliat 
the older established definitions C 1 1 Cj 1 ^ ^ o c 

merely an acid-base reaction. But the terms hydrolysis and 
salt have become so firmly entrenched in chemical thought 
and in chemical literature that hydrolysis cannot be brushed 
aside without consideration. The introducaion of this term 
into the Brpnsted definitions, however, is apt to lead to some 
confusion if hydrol3'sis is not already understood in the light 
of the older definitions. 

According to the older established definitions ions which 
hydrolyze in water solution can be divided into two classes; 
those which produce acidic and those which produce basic 

Hcforo rcaciiiiK tt»is section tlie student Is advised to review the .section on 
Uie Bronsted Definitions of Acids and Ba-<cs on pa^^cs 139-147. 
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solutions. Let us consider these two types of hydrolysis sepa- 
rately and as an example of the first kind let us consider the 
hydrolysis of the ammonium ion. According to the older defi- 
nitions the equation for the hydrolysis reaction is 

NH4+ + H2O = NH4OH + H+ ( 40 ) 

The mental picture for the process is that of competition 
between the H"*" ion and the NH 4 '^ ion for the OH~ ion. As 
the result of this competition, some H+ ions are left in excess 
of OH“ ions and the solution is acidic. 

According to the Brpnsted definitions this same hydrolysis 
reaction is expressed as follows. 

NH4+ -f- H2O = NH3 + H3O+ ( 41 ) 

Acidi Base: Basei Acid: 

Examining equations (40) and (41) formally we see that the 
difference between them is that in equation (40) the water 
molecule is associated with the NH3 molecule to form NH4OH 
(a formula which emphasizes the basic nature of ammonia 
in water solution), and in equation (41) the water is asso- 
ciated with the H+ ion, which is written as H3O+. According 
to the Brpnsted definitions equation (41) represents merely 
an acid-base reaction and the NH 4 + ion is regarded as a weak 
acid. The NH3 and the H2O molecules are competing for the 
proton. Equation (40) does not represent the actual process 
taking place any more than does equation (41) ; these details of 
the reaction are not known. Whether one uses equation (41) 
or equation (40), i.e., Brpnsted or the older established defi- 
nitions, is merely a question of convenience and ease of ac- 
quiring an understanding of the acid-base reaction in solution. 

According to the older definitions hydrolysis is the reverse 
of neutralization, i.e., equation (40) reading from right to left 
represents a process of neutralization while from left to right, 
it represents hydrolysis. With the Brpnsted definitions the 
reactions represented by both directions of equation (41) are 
acid-base reactions. Only if we borrow the concepts of hy- 
drolysis and of neutralization from the older definitions may 
we define the process from left to right in equation (41) as 
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hydrolysis and the process from right to left as neutralization. 
In general, on the basis of the newer definitions, hydrolysis is 
defined as a proton transfer reaction between a cation-acid or 
an anion-base and water, to produce the hydronium ion or the 
hydroxide ion respectively. But again it must be emphasized 
that if the Brpnsted definitions had been common usage for 
rnanv vears the term hvdrolvsis in inorganic chemistry would 

« V V ^ ^ 

not be necessary. 

Let us consider the equilibrium expression for reaction (41) 
and show the relationship between the constant for this ex- 
pression and the constants for other reactions from which tlu^ 
value of tiie former may be calculated. As has been previously 
pointed out, reaction (41) may be regarded as one of dissocia- 
tion of a weak acid, and its constant may then be designate<l 

.w * 

cts I\ I (acid) • 


K b 

I (acid) 


(NH3)(H,()-) 

(NH,-) 



Tlio concentration of tlie water molecule.s is omitted from tin* 
exi)ression since its value remains constant for all practical 
I)uri)oses. Consider next the two reactions 


HoO + H,0 = H,()+ + OH- (43) 

and 

NH3 + H,0 = NH4+ + 0H- (44) 


The eciuilibrium expressions for (43), (44) are (H 30 ^)( 0 H-) and 

(XHiO(OH-) . 

"" (XH.-i) ~ respectively. The first of these is equal to the 

eiiuilibrium constant for water and is denoted by AV*, the 
.second we shall denote merely by K‘‘. 



(H30+)(0H-) 

(XHC)(OH-) 


(NH 3 ) 


(43) 

(4(i) 


* C'oiistaiits rcfcrrinn to the lir0nstc<l (Icfinitions are distinguished from tho.se 
of the older definitions by the superscript B. 
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From equation (45) (H 3 O+) = 


K « 


W 


( 0 H-) 


Substituting for (HaO"^) in equation (42), we obtain 

(UM ) 


I (acid) 




(NH4+) (OH-) (NH4+) ( 0 H-) 

(NH3) 


(47) 


But the denominator in the last expression in equation (47) 
is equal to (equation 46). Therefore 


■L^ B 

-^Kacld) 


K « 


W 


K ® 

-i^eq 


(48) 


Let us now return to the older definitions with which we 
previously showed that 

(49) 


K 


I (base) 


% 

What was previously called the hydrolysis constant is now the 
acid constant (i^nacw) is equivalent to Kn), and what was 
previously known as the dissociation constant for the base is 
designated merely as an equilibrium constant, is equiva- 

lent to Xi(base))- Obviously is the same as Kyy, Again we 
see only different names for the same phenomena; the rela- 
tionships are the same. 

Let us next consider the hydrob'sis of an anion to produce 
an alkaline solution, and as an example we shall again use the 
acetate ion. 

H.O + Ac' = HAc -h OH- (50) 

Bases 


2 

Acid: 


Acid 


Basel 


The hydrolysis reaction is expressed by the same equation 
(50) whether the Brpnsted or the older definitions are used; 
the terminology onlv is different. The equilibrium expre.ssion 


for the reaction is 


(HAc)(OH-) 

(Ac-) 


By the older terminology this expression is equal to the hy- 
drolysis constant. By the Brpnsted definitions it would more 
properly be called an acid-base equilibrium constant. Thus, 
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It can shown that 


(HAc)(OH-) 

(Ac-) 


^ K ^ 

a Veq 


Q W 

•^eq 7 ' B 

■^Iia 


cid) 


where A’l^acw) is the constant for the reaction 


acid) 


HAc + H.,0 = H3O+ + Ac 


Using the older definitions, ^ve previoush’ showed that 
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(51) 







Kacid) 



In this case the older Ah is equivalent to the newer Ae,/*. 

The Ac“ ion is known as a strong base; it has a great tend- 
ency to take up protons. The strongly basic character of tlie 
Ac- ion may be visualized in terms of the older concepts if 
we consider it in its hydrated form. Suppose that instead of 
representing the acetate ion by the symbol Ac“ we used 
AcHOH” (Ac“ -1- H2O) ; i.e., included in its formida one 

molecule of water. Then it is easy to see that if the OH- ion 
dissociated from this complex the HAc molecule would he 
formed and the stronger the base, the greater the concentra- 
tion of OH- ions produced. The tendency to acquire protons 
is equivalent to a tendency to produce OH" ions. 


AcHOH- = HAc + OH- (55) 

This reaction is effectively the same as that represented by 
ecjuation (50). This procedure, however, is not conventional. 
The hydrolj'sis of positive metal ions, according to the Br0n- 
sted definitions, will be considered in the next chapter. 


Examples of Hydrolysis Problems 

Example 1.- 

(a) Calculate the concentration of the OH“ ion in a 0.1 M NaAc 
solution. 

(b) What is the value of the concentration of the ion in this 
same solution? 
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(c) What is the degree of hydrolysis? 

Sodium acetate is the salt of a strong base and a weak acid and 
therefore its solution \\'ill show an alkaline reaction. The equation 
representing the hydrolysis reaction is 


Ac- + H 2 O = HAc + OH- 

Concentrations: (0.1 — X) X X 

Therefore 


(HAc)(QH-) X^ 

(Ac-) 0.1 — X Ki 


1 X 10-*' 
1,85 X 10-5 


0.54 X 10-® 


Neglecting X as compared with 0.1 in the denominator of the second 
expression, we have 


= 0.54 X 10-* 

= 0.54 X lO-'o 

X = 0.75 X 10-5 mole per liter = (OH”) = (HAc) 

To calculate (H+) we use the dissociation constant for water. 


- wfe ■ 0.7? xT f- - "•* P" 

It is also possible to calculate the (H+) in the following way. The 
HAc in solution is in equilibrium with its two ions, H"*" and Ac”. 
Tlie concentration of the undissociated HAc in this solution is the 
same as that of the OH” ion and was found to be 0.75 X lO"® M. 
The value for (Ac-) is practically 0.1. We may therefore use the 
ionization constant for HAc to determine the (H"*"). 


(H+)(Ac-) (H-") X 0.1 

(PIAc) 0.75 X 10-5 


1.85 X 10-5 



1.85 X 10-5 X 0.75 X 10-5 

0.1 


(H-^) = 1.3 X 10-® mole per liter 

The following short-cut method may be used to obtain (H+) in 
a solution which hydrolyzes to produce a basic solution: 

(HAc)(OH-) _ X2 _ X„- 
(Ac-) 0.1 -.Y Ki 
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For generalization let (Ac”) = C; C being the final concentration of 
the hydrolyzing ion — in this case .01 — X, or for practical purposes 
0.1, (X is neglected as compared with 0.1). Therefore 


Since 


Therefore 


(HAc)(OH-) 

C 



(HAc) = (OH-) 


(OH-y 


Kw X C 

K, 

(Aw)^ 

(OH-)2 


(H+) 


X Ki X Ki 

Kw XC C 


Aw X Ki 
C 


Calculating the (H'*") from this last equation we obtain 




10-*^ X 1.85 X 10-5 


.1 


(H+) = Vl.85 X 10-‘8 

(H+) = 1.3 X 10“® mole per liter 

The degree of hydrolysis is the fractional amount of the Ac" ion 

hydrolyzed. 1 he amount of Ac” ion which hydrolyzed was X or 

0.75 X 10-5 M, Therefore the degree of hydrolysis is X divided 
by the total amount of Ac” ion. 


Degree of hydrolysis = Q ' = 7.5 x iQ-s 

The percent hydrolysis is equal to the degree of hydrolj^sis multinlied 
by 100 . 

Percent hydrolysis = 7.5 X 10-=^ X 100 = .0075 percent 
Example 2. 

To 250 ml. of a 0.4 M HCN solution is added 250 ml. of a 0 4 M 
NaOH solution to give 500 ml. of the mixture. What will be the 
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value of the (H"*") when the acid and base exactly neutralize each 
other? Ki(HCN) = 4 X 

Due to the fact that both the HCN and the NaOH solutions 
have been diluted to 500 ml., the resulting solution would contain 
these two substances each at a concentration of 0.2 M assuming 
no reaction to take place. After the reaction takes place and when 
equilibrium is reached a solution is obtained which would be the 
same as that produced by adding 0.2 mole of NaCN to a liter of 
water, or 0.1 mole NaCN to 500 ml. of water. Therefore, the con- 
centration of the CN“ ion in this solution is approximately 0.2 M, 
but it will be slightly less than this value due to the hydrolysis, as 
the following equation indicates. 


CN- + H 2 O = HCN + OH- 


Concentrations: (0.2 — X) 


X 


X 


Then 


(HCN)(OH-) X^ 1 X 10-^^ 


(CN-) 


0,2 -X K 


l(acid) 


4 X 10- 


10 


2.5 X 10 


-5 


Neglecting X in comparison with 0.2 

— ^ ^ = 2.5 X 10-“ 
0.2 - X 0.2 


X* = 5 X 10-« 

X — 2.2 X 10“® mole per liter = (OH“) 


Since 


(H+)(OH-) = 1 X 10-'^ 


(H+) 


1 X 10-'^ 
(OH') 


1 X 10-'^ 
2.2 X 10-3 


(H"*") = 4.5 X 10“*® mole per liter 


Example 5. 

(a) Calculate the concentration of the S ion in a 0.1 M NazS 
solution. 

(b) Calculate the degree of hj-drolysis of the S ion. 

The hydrolysis of the HS- ion (second step) is negligible as com- 
pared with the hydrolysis of the S ion (first step). 

The reaction is 


S— + HzO = HS- + OH- 
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Let X be the number of moles of S ion undergoing hj^drolysis. 
Then, at equilibrium, (HS“) = X, (OH“) = X, and (S"”) = (0.1 — A”). 
We then have 

(HS-)(OH-) ,, AV 1 X 10-'^ . 

(S— ) 0.1 -X ^ A'l, 1.3X10-'’ ^ 

Since the value of Ah is large, A" will be large as compared with 
0.1 and we cannot neglect X in the expression (0.1 — A"). Accord- 
ingly, we must solve this equation by the use of the quadratic solu- 
tion. Clearing of fractions, we have 

X^ = 7.7 X 10-3 - 7.7 X lO-^X 

Transposing, 

X^ + 7.7 X 10-2X - 7.7 X 10-3 = 0 

A^ = .058 mole per liter == (HS*) = (OH“) 

(0.1 — A) = (S--) = .012 mole per liter 

(See Appendix for the solution of the quadratic equation.) 

The degree of hydrolysis is the amount of S — ion hydrolyzed 
divided by the total amount of S ion originally present. There- 
fore 

ncvO 

Degree of hydrolysis = = 0.58 

The percent hydrolysis is 0.58 X 100 or 58 percent. 

Example 4. 

What is the pH of a solution which contains 0.535 g. of NH4CI 
in 250 ml. of solution? 

0 535 

0.535 g. NH4C1 is equal to or .01 mole. .01 mole of NH.Cl 

in 2.50 ml. of solution is equivalent to .04 mole of XH4CI per liter. 

Thus, the concentration of the NH4+ ion is .04 M. The NH4+ ion 

undergoes hydrolysis to produce the H+ ion according to the following 
equation. 

NH4+ H- HoO - XH4OH + H+ 


Let A be the number of moles of XH4'*' ion undergoing hydrolysis* 
then, at equilibrium, (NH4+) = (.04 - X), (NH4OH) = X and 
(H+) = X. Then we have ^ 
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and 


(NH4OH) (H+) 
(NH4+) 

.04- X 


X^ 

.04 - X 



K 


w 


K 


I (base) 


5.6 X 10-'® 


1 X 10-'4 
1.8 X iO-6 


Neglecting X as compared with .04 we have 


.04 


= 5.6 X 10-'® 


X^ = 22.4 X 10-'2 

X = 4.7 X 10“® mole per liter = (H+) = (NH4OH) 


pH = log 


1 


(H+) 


- log (H+) 


log (H+) = log (4.7 X 10-®) = log 4.7 + log 10”® 

= 0.67 + (- 6) = - 5.33 


Therefore 

pH = - log (H+) = - (- 5.33) = 5.33 


Example 5. 

How many grams of NaAc must be added to 500 ml. of water 
to give a solution having a pH of 8,52? (Neglect the volume change 
due to the addition of the salt.) 

The reaction is 

Ac- -f H2O = HAc + OH- 

From the value given for the pH of the solution, the (H+) may be 
calculated. Then (OH”) may be obtained from Kw = (H+)(OH”) 
= 1 X 10”'^. In the NaAc solution (HAc) = (OH”). Having this 
information, the (Ac”) in equilibrium with HAc and OH” ion may 
be determined from the hydrolysis equilibrium. 

pH = - log (H+) = 8.52 
log (H+) = - 8.52 = - 9.00 + 0.48 
antilog (— 9) = 10”® and antilog 0.48 = 3.1 

Therefore (H'*') 

(H+)(OH-) 

(OH”) 


= 3.1 X 10”® M 
= 1 X 10”'^ 


1 X 10”'^ 1 X 10”'" 


(H+) 


3.1 X 10”® 


= 3.2 X 10”® .1/ 
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If (OH ) = 3.2 X 10 ® Af, then (HAc) has the same value. The 
equilibrium expression for the hydrolysis reaction is 


Then 


(HAo)(OH-) 

(Ac-) 


= /^H = 


Xw 


1 X 10-^^ 


Ki 1.85 X 10-" 


: = 5.4 X 


(HAc)(OH-) (3.2 X 10-®) (3.2 X lO”®) 


(Ac-) 


(Ac-) 


= 5.4 X 10- 


10 


,, . (3.2 X 10-®)^ 10.2 X 10-’-' , ^ ,,, , , 

(Ac ) = - v. ,, = - = 1.9 X H)-- mole per liter 


5.4 X 10-‘® 


5.4 X 10 


10 


.019 mole per liter = mole per .500 ml. = .0095 mole per .500 ml. 

The molecular weight of Xa.\c is 82. Therefoie, .0095 mole per 
.500 ml. is ec[uivalent to .0095 X 82 or 0.78 g. Xa.\c per 500 ml. 


Example 6. 

(a) What is the concentration of the H+ ion and of the OIi“ 
ion in a solution which is .05 M with resi)ect to XHjCX? 

(b) What is the degree of hydroly.sis of the XHiCX? 

Ammonium cyanide is a salt of a weak acid and of a weak base. 

Both ions undergo hydrolysis in accordance with the e(iuation 

XH 4 + + CX- + H.O = XH 4 OH + HCX 
The e<iuilibrium expression is 

(XH.OH)(HC X) _ _ ATv 1 x 10-'^ 

(XH 4 +)(C:X-) “ A'„basc) A'i(acia) 1.8 X 10-^ X 4 X 10-'“ 



1 X 10-" 
7.2 X 10-‘“ 



We shall assume that for every XH 4 + ion which hydrolyzes, a 
CX- ion also hydrolyzes. It can be shown readily that this a.s- 
sumption is a justifiable one provided the concentration of the 
XH 4 CX is not exceedingly low. Let X be the number of moles of 
XH 4 + ion undergoing hydrolysis; then A' is also the number of moles 
of CX- ion hydrolyzed. Since the initial concentration of the 
XIIiCX is .05 M and since the salt is eompletelv ionized, the initial 
concentration of XH 4 + ion and of CX'- ion is each .05 9/ But at 
equilibrium, (XIL+j = (.05 - X), and (CX-) = (.05 - A'). Then 
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(NH 40 H)(HCN) XX X X 2 

(NH4+) (CN-) (.05 - X) (.05 - X) (.05 - X)^ ~ ^ 

Taking the square root of both sides of the equation, we have 

.05 -X ^ 

X = .059 - 1.18X 
2.18X = .059 

X = .027 mole per liter = (NH4OH) = (HCN) 

The value for the (H"^) may be calculated from the known amount 
of HCN produced and from the amount of CN~ ion remaining un- 
hydrolyzed. The (HCN) was found to be .027 M; while the value 
for (CN“) is (.05 — X) or (.05 — .027) or .023 M. The equation for 
the ionization of HCN is 


HCN = H+ + CN- 


while the equilibrium expression is 


(H+)(CN-) 

(HCN) 


= /iCj = 4 X 10- 


10 


Substituting in this expression the knowm values of (HCN) and 
(CN-), we have 


(H+)(.023) 

.027 


== 4 X 10-'^^ 


(H+) = 


.027 X 4 X 10 


10 


.023 


(H+) = 4.7 X 10-^° mole per liter 


The (OH“) then must be 


1 X 10-^-* 

(OH“) = , ir^-in = 2.1 X 10“® mole per liter 


4.7 X 10 


The value for (OH ) could have been calculated from the knoum 
amounts of NH4OH and NH4+ ion present in the solution. 

NH4OH - NH4+ -f OH- 
(NH 4 +)(CH-) 


(NH 40 H) 


= Ki^ 1.8 X 10 


-5 


and 
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Since (XH4OH) has a value of .027 .1/ and the (NH 4 '*') a value of 
.023 M, then 


.023(OH-) 

.027 

(0H-) 


1.8 X 10-5 


.027 X 1.8 X 10-5 
.023 


= 2.1 X 10~5 mole per liter 


This value is the same as that obtained in the first calculation. 

The degree of hydrolysis is the number of moles of XH 4 CN 
hydrolyzed divided by the total amount of XH4CX originally present. 


Degree of hydrolysis = -^ = = 0.54 

.Oo .Oo 

The percent hydrolysis = 0.54 X 100 = 54 percent 

Experiments show that the concentration of the ion in a 
solution of XH4CN is the same for all concentrations of the salt, 
provided the concentration is not too high, in which case the Law 
c'f Mass Action fails to hold, and provided that the concentration 
of the salt is not excessively low, in which case the degree of hy- 
drolysis of the XH 4 ’^ ion cannot be regarded as the same as that 
of the CX- ion. At intermediate concentrations of XHiCX the 
( 11 +) is independent of the salt concentration and has a value which 
is determined by the values of the three equilibrium constants, 
namely, Aw, and Kj(aci<i)- This relationship is 


\/ 


Kbase) 


We may arrive at this conclusion in the following manner 
the eciuilibrium expression for the ionization of HCX" 


From 


(H+) (HCX) 


■f^KacId) (CX ) 
From the hydrolysis equilibrium we have 


But since 
(H+) 


(XH 40 H)( HCX) Aw 

(XH4OII) _ (HCX) , . 

(XH4+) (CX“) ’ since the latter expression 


A. 


(aold) 
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we have 
Then 


and 


/HCNV _ 

IcN-y " 

(H+)2 = 


H+ y ^ 

K 

-^w(-^I(acid))^ 


I(base) ^^l(acld) 


K 


I(base) ^^l(acld) 


(H+)^ = 


i^W^I(acld) 

^l(base) 


(H+) = 



^W^l(acid) 


K 


Kbase) 


Substituting into this expression the values for the constants, we 
have 


\/ 


X 


A 


1.8 X 10-^ 


This value for the (H+) is the same as that originally obtained 
directly from the hydrolysis equilibrium. It may be advantageous, 
as the occasion arises, to make use of this expression for calculating 
the concentration of the ion in a solution containing the salt 
of a weak acid and of a weak base. 


Example 7. 

Calculate the solubility of PbS in water: 

(a) Neglecting the hydrolysis of the S~“ ion. 

(b) Considering the hydrolysis of the S — ion. 

The hydrolysis of the S““ ion becomes a very important factor in 
calculating the solubilities of sulfides from their solubility product 
constants and, conversely, in calculating the solubility product con- 
stants from solubility data. When hydrolysis is taken into account 
the solubility of any slightb^ soluble sulfide is about one thousand 
times greater than that calculated by neglecting hydrolysis. 

(a) First calculate the solubility of PbS neglecting hydrolysis, 
(i^s.p. for PbS = 4 X 10-2®.) 

PbS(.) = Pb-^ + S— 

Let X equal the number of moles of PbS dissolved in 1 liter of 
solution. Then X will be equal to (S ) and (Pb-*-^). 

(Pb++)(S— ) = X2 = 4 X 10-2® 


X = 2 X 10“^^ mole per liter 



Examples of Hydrolysis Problems 237 

Therefore, the caiculated solubility of PbS in water is 2 X il/, 
if the hydrolysis of the S"“ ion is neglected. 

(b) In considering the hydrolysis of the S — ion we can assume 
that only the first step of hydrolysis is important, since the second 
step is negligibly small. 


S— + H 2 O = HS- + OH- 


1 he value tor A"h for this reaction as calculated previously in Ex- 
ample 3 is .077, and we found the 8 — ion to be hvdrolvzed to the 
extent of 58 percent in 0.1 M Xa‘>S solution. At lower concentrations 
the hydrolysis of the S““ ion is even greater than this. If the con- 
centration of the ion were extremely small, of the order of magni- 
tude of the concentration of the OH' ion in water, then the hy- 
drolysis would be reduced somewhat due to the common ion effect 
of the OH ion. Nevertheless, the 8 ion at a concentration of 
1 X 10“’^ M would be practically completely hydrolyzed. In such 
an event the concentration of the OH" ion produced by the hydrolysis 
would be only 1 X 10“^^ M. This value is small compared with the 
concentration of the OH- ion already present in water, namely, 
I X 10-^ M. Therefore, though the hydrolysis of the 8 — ion in a 
saturated solution of PbS may be complete, the (OH“) in the solution 
will still have a value of 1 x lO”'^ M. Accordingly, 


(H8-)(OH-) (IIS-) X 1 X IO- 


CS--) 

(HS-) 


(S— ) 


— Kii — .077 


= 7.7 X 10» or (S"-) = ^ 


(S— ) 


7.7 X 10^ 


From this ratio we see that there are almost one million times 
a.s many IIS- ions as S ions in .solution and that the hydrolysis 
IS almo.sl complete. From the two etiuilibria involved here"^ 

PhS(,) = Pb++ + S — 

S— +II 2 O = IIS- + OH- 

it is evident that for every S-- ion which is removed by hydrolysis 
one Pb*+ ion and one IIS- ion are produced. Therefore, the con- 
centration of the Pb^+ ion will be practically the same as the con- 
ccntration of the H8— ion in solution. 

SubstitutiiifT the value for the S-- ion concentration in the solu- 
Dility product expression, we have 
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(Pb++)(S— ) = (Pb++) = Ks.i>. = 4 X 10-» 


Since 


(Pb+^) = (HS-), 

( pb ++)2 


7.7 X 10® 


= 4 X 10-26 


(Pb-HH)2 = 3.1 X 10-20 

(Pb"'-'') = 1.8 X 10 -*o mole per liter 


Therefore, the solubility of PbS in 1 liter of solution is also 
1.8 X 10-^0 mole per liter, which value is approximately one thousand 
times greater than that obtained (2 X 10“^® M) when hydrolysis is 
neglected. 

If we were to consider the second step of hydrolysis. 


HS- H- H 2 O = H 2 S + OH- 

the calculated solubility would be further increased but the order 
of magnitude of the solubility would not be appreciably changed. 
In addition, the Pb*^ ion undoubtedly hydrolyzes to give PbCOH)"^ 
ion and Pb(OH) 2 , and these effects would also increase the solu- 
bility of PbS. 


Example 8. 

Calculate the concentration of (a) the H+ ion, (b) the OH" ion, 
(c) the HCO3” ion, and (d) the CO3 ion in a solution which contains 
0.1 mole of NaHCOs per liter. 

Since NaHCOa is a salt it is completely ionized to give Na+ 
and HCO3- ions. The HCOs” ion is not only a weak acid itself but 
it is also an ion of another weak acid, H2CO3. Therefore, the HCO3" 
ion takes part in two reactions in water solution, 

HCO3- + H2O = H2CO3 + OH- (1) 

and 

HCO3- = CO3— + H+ (2) 

Reaction (1), the hydrolysis of the HCOs” ion, produces OH" 
ion, while reaction (2), the ionization of the HCOs" ion, produces 
H'*' ion. As both reactions proceed, the H+ and OH- ions formed 
are practically all used up in the formation of water, 

H+ + OH- - H2O 


(3) 
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Adding equations (1), (2), and (3), we have 

2HCO3- = H,C03 4- CO3— 
The equilibrium expression for (4) is 

(H,C03)(C()3--) 


(4) 


(HCO3-)- 


= K 


(4) 


When equations are added, the corresponding equilibrium expres 
sions are multiplied. Therefore the numerical value for K^ 4 ) is 

(H.C()3)(0H-) (C() 3 -“)(H^) 1 


(HCOa-) 


(HCO:r) 


(H+)(OH-) 


“ ^^(1) X C2) X J\ 


(3) 


Cancelling and (Oil ) in the numerator and denominator, 

(H,C03)(C03— ) 


(HCOr)2 


— /C(i) X /vcj) X /C(3) = A 


(4) 


Ad, is the hydrolysis constant for the HCO3' ion and has a value of 
1 X 10“^“* 

4 X 1 0“^ ’ ionization constant for the second stage of 

ionization of carbonic acid and is equal to 4.8 X 10“"; and /V(3, 

eciuals or Y x\o-^‘ ^‘ S^t)stituting these values in the above ex- 
pression, we have 


(H2C()3)(C()3— ) 


(HC03“)2 


1 X 10-*' 4.8 X 10-“ 

-,X ^ X 


1 


1 X 10-^^ 


4.2 X 10-^ '' 1 

= 1.14 X 10-^ = A<4, (5) 

Referring to equations (1), (2), and (3), it is seen that for every 
OH ion wliieh reacts with H+ ion to form water, one HjCOs molecule 
and one CO:, ion are produced. Therefore, for practical purposes 
we are justified in making the assumption that at equilibrium the 
(H .CO,) will be the same as the (CO 3 — ). We can also assume that 
since reactions ( 1 ) and (2) take place to a limited extent, the (HCO 3 -) 
remains practically unchanged; therefore, in this case’the value for 
(HCO 3 -) will be for all practical purposes 0.1 M. 

Making use of equation (5) and letting (H2CO3) and (CO3— ) 
each be X, we have 

(0.1)2 = I H X 10-“ 

= 1.14 X 10-s 

X = LOG X 10“’ mole per liter = (H 2 CO 3 ) = (CO 3 — ) 
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Having obtained the values for (H2CO3) and (CO3 — ), and 

(OH“) may then be calculated from the equilibrium expressions of 
(1) and (2). Taking reaction (2), we have 


(H^)(CQ3— ) 

(HC03-) 


(H+) X 1.06 X 10-3 

0.1 



4.8 X 10-“ 



0.1 X4.8X 10-“ 
1.06 X 10-3 


= 4.5 X 10 ^ mole per liter 


The value for (OH-) may then be obtained from the water equi- 
librium as follows. 

1 X 10”^^ 

(OH“) = 4 5 X 10-^ ^ ^ naole per liter 


The NaHCOs solution is found to be basic. 

The value for the concentration of the hydrogen ion in this solution 
may be obtained more conveniently by making use of a general 
rule which can readily be shown to hold for acid salts of the type 
NaHCOs. The rule states that the (H+) is equal to the square 
root of the product of the two ionization constants for the dibasic 
acid. Thus, in the present case, 

(H+) = X 

(H+) = V4.2 X 10-^ X 4.8 X 10-» 

(H+) = y /20 X 10-‘» 

(H"*") = 4.5 X 10“® mole per liter 

This value is the same as that obtained in the previous calculation. 
Since the latter calculation does not involve the concentration of 
the dissolved NaHCOs, the value obtained for (H"*") must be the 
same for all concentrations of the salt. 

The rule, in this case, may be derived from the first and second 
ionization constants for carbonic acid. 


(H+)2(C03— ) 




(H 2 C 03 ) 

Remembering that for all practical purposes (COs — ) and (H2CO3) 
are essentially the same, we therefore cancel them in the above 

expression, and 

(H+) = VKi X K2 

At intermediate concentrations, this relationship applies to such 
ions of weak acids as HC2O4— , H2PO4— ^ HaPOs", HSO3— , and HS . 
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Questions and Problems 

1. Write the equation representing the dissociation of water into 
H’*' and OH~ ions. Explain why the addition of more water will 
not shift this equilibrium. How may it be shifted? 

2. Why is the equilibrium expression for the dissociation of water 

written (H+) X (OH-) and not 

{tloU) 

3. When solid sodium acetate is added to water why do not all 
of the Ac“ ions combine with H-*" ions to form acetic acid? 

4. Does (a) the salt of a weak acid and a strong base, (b) the salt 
of a strong acid and a weak base, (c) the salt of a strong acid 
and a strong base, produce an acidic, basic or neutral solution? 

5. Show that the hydrolysis constant for a salt of a strong base 
and a weak acid is equal to the ionization constant for water di- 
vided by the dissociation constant for the acid. 

6. Show that the hydrolysis constant for the first step of hydrolysis 
for the salt of a strong base and a weak dibasic acid is equal to 
the ionization constant for water divided b3^ the second dissoci- 
ation constant for the acid. 

7. Explain why aluminum h\'droxide and not aluminum carbonate 
is piecipitated from solution when a solution of sodium carbonate 
is added to one of aluminum sulfate. 

8. Why is BaS not stable when added to water? 

9. Why is the carbonate ion concentration in a solution of am- 
monium carbonate less than it is in a sodium carbonate solu- 
tion of the same molaritj'^? 

10. Explain by the Rule of Le Chatelier why the degree of hydrolysis 
of sodium acetate increases as the solution is diluted. 

11. ^^rite eciuations for the hydrolysis reactions occurring when 
sodium carbonate is dissolved in water. 

12. If a O.l molar solution of HCX is neutralized by a 0.1 molar 
solution of NaOH the two solutions do not neutralize each other 
when the ID ion concentration is lO'^ molar but rather when 
the ID concentration is about IQ-^ molar. Explain. 

13. W hat is a hufTer solution? Explain its action. 

14. Write the ionic equations for the reaction representing the hy- 
drolysis of each of the following salts: 

(a) Ammonium chloride — NH4CI 

(b) Sodium acetate — XaC2?l302 
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(c) Methyl ammonium chloride — CH3NH3CI 

(d) Sodium benzoate — NaC6H6C02 

(e) Potassium cyanide — KCN 

(f) Sodium phenolate — NaCeHsO 

(g) Barium nitrite — Ba(N02)2 

(h) Lithium formate — LiCH02 

(i) Dimethyl ammonium chloride — (CH3)2NH2C1 

(j) Potassium propionate — KC3H5O2 

is. Calculate the hydrolysis constant for each of the salts listed in 
problem 14. {Ki for the corresponding acids or bases are given 
in tables in the Appendix.) 

16. Calculate the (H+) for (A) a 0.1 molar, (B) a .01 molar solution 
of each of the salts listed in problem 14. 

17. What is the pH value for each of the solutions in problem 16? 

18. What is the degree of hydrolysis for each salt in problem 16? 

19. How many grams of sodium acetate must be added to 1 liter 
of water to give an OH“ ion concentration of 1 X 10"® mole per 
liter? 

20. How many grams of NH4CI must be added to 1 liter of water to 
give an OH~ ion concentration of 10“® mole per liter? 

21. How many moles of NH4CI must be added to 1 liter of water 
to give the same pH value as a 0.1 molar solution of HCN? 

22. (a) Using only Ai(HAc), calculate the H+ concentration in a 
solution containing 0.1 mole sodium acetate and 0.1 mole acetic 
acid, (b) Repeat the calculation using K^. 

23. What is the concentration of the undissociated HAc in a solution 
containing 1 mole NaAc per liter? 

24. A .01 molar solution of NaCN is found to be hydrolyzed to the 
extent of 5 percent. What is the value of the ionization constant 

for HCN? 

25. Show by calculation whether it is possible to make a solution of 
sodium formate concentrated enough to produce the same OH" 
concentration as that of a .001 molar solution of KCN. (In 
this case assume the Law of Mass Action to hold for concentrated 
solutions.) 

26. Calculate (a) the hydrolysis constant, (b) the H+ ion concentra- 
tion, and (c) the degree of hydrolysis for a 0.1 Af Na^COa solu- 
tion. (Neglect the second hj^drolysis step.) 

27. What will be the minimum concentration of a NaAc solution 
necessary to begin the precipitation of Mg(OH )2 if equal quan- 
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tities of this solution and one containing 0.2 mole ion per 

liter are mixed? 

28. Solid Xa2S is added slowly to a .01 AT FeSO^ solution. Which 
will he precipitated first, Fe(OII)2 or FeS? 

29. Calculate the H"*" ion concentration in the resulting solution 
when ecpial amounts of the following are mixed: 

(a) 0.1 M HCl and 0.1 M XH,()H 

(b) 0.1 Jlf HCl and 0.1 M XaOII 

(c) 0.1 M H2SO4 and 0.1 M X’aOH (see p. 181) 

(d) .02 M IIAc and .02 M XaOH 

(e) 0.1 M H.S and 0.2 M XaOH 

30. Calculate the CO;r“ ion concentration and the ()H~ ion con- 
centration in a .01 M solution of XaHCO.!. (See Example 8, 
page 238.) 

31. If IMgCh is added slowly to a solution which is 0.1 M with 
respect to X"aHCO:i, which will begin to precipitate first, ]Mg(OH )_> 
or MgCOs? (See Example 5, page 238.) 

32. Calculate the solubility in moles per liter of the following sulfides 
in water, (A) neglecting the hydrolysis of the S““ ion, (B) con- 
sidering the hydrolysis of the S"" ion. 

(a) CdS (b) CuS (c) PbS (d) Ag^S (e) CoS 

33. What must be the ratio of (Ac“) to (HAc) in a buffer solution 
made up of acetic acid and sodium acetate if the H+ ion con- 
centration is to be maintained at 10"^ M! 

34. What is the concentration of the H^ ion in a solution which is 

.01 M with respect to ZnCb? (A:i(Zn(OH)‘^ has a value of 
4 X 10-^) 

35. Calculate the ratio of the (HPO4--) to (H.POr) in a solution 
in which these two ions are used as a buffer, if the pH of the 
solution is to be maintained at (a) G.O, (b) 7.0, and (c) 8.0. 
Assume that the H+ ion concentration is controlled entirely by 
the reaction H2P04“ = H^ -f HPO4"-. 


CHAPTER 
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Complex Ions 


For the sake of simplicity and because of a lack of definite 
information we designate an ion in solution merely by the 
symbol of the element or radical and by the charge which the 
ion carries. Thus, hydrogen ion is written as H+; sodium 
ion, Na+; chloride ion, Cl”; sulfate ion, SO4 — , etc. There 
is sufficient evidence for the argument that no ion exists in 
solution as a simple charged atom or group as its chemical 
symbol might imply. It has been shown by experiments 
designed to determine the relative amounts of electricity carried 
by various ions in solution that ions carry with them relatively 
large quantities of water. Although it is not possible as yet 
to determine the absolute amount of water carried by each, 
these experiments do allow calculations to be made concerning 
the amount of water carried by an ion of one element or group, 
relative to that transported by an ion of another element or 
group. For example, if we arbitrarily assume that the fastest 
moving ion, the hydrogen ion, carries a minimum amount of 
water, one molecule, then the potassium ion carries on the 
average about five; the sodium ion, eight; the lithium ion, 
fourteen; while the chloride ion carries about four molecules 
of water. These numbers are known as the hydration numbers 
of the ions. These hydration numbers var3^ with the concentra- 
tion of the solution. The3" are related to the speeds of the 
ions, in that an ion carr3dng a large amount of water moves 
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slowly in comparison with an ion which carries a relatively 
small amount of water. 

From what has been said in earlier chapters resardiii" the 
attractive forces between ions of opposite cliarge, it would 
seem reasonable to expect that these attractive forces also 
exist between ions and water molecules to give rise to hydrated 
ions, since the water molecule is a dipole having separated 
positive and negative centralizations of charge. Polar mole- 
cules tend to attract each other to form aggregates of molecules 
and, similarly, we might conclude that polar water molecules 
are attracted to charged ions in solution. Accordingly, we 
may look upon all ions as solvated in solution, i.e., having 
molecules of solvent attached to them. 

The union between most ions and water is not a verv firm 
or stable one, and the law of definite proportions does not 
apply in the cases cited, namely, the hydration of such ions 
as Li+, Na"^, and Cl”. The binding force between water mole- 
cules and these ions is of the dipole moment type. The 
sodium ion, for example, attracts the negative end of the water 
molecule, thus binding the water molecule to it. If one were 


able to see these hydrated molecules with a sub-microscopic 
e> e, he would find that some sodium ions have six H-^O mole- 
cules associated with them; some, seven; some, eight; others, 
nine; etc. The average number would be about eight. 

In the case of the cobalt ion, however, a definite number of 
water molecules are associated with each metallic cobalt ion. 
Ihis definitene.ss in the number of water molecules associated 
with the cobalt ion indicates that the bonding is primarily of 
the covalent type, i.e., by shared electrons. When we speak 
of complex ions we usually are referring to the coordinately 
bonded, exactly defined type of ion. Examples of such com- 
plex ions involving other than H ,>0 molecules are : Zn(NH3)4+" 

Fe(CN)r“‘, AgCb- and Co(NH3)6-"^-". 

It is possible to produce complex ions whicli are made up of a 
positively charged metallic ion and more than one kind of 
negative ion or neutral molecule associated with it. For ex- 
ample, the following complex molecules or ions are known: 
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fCo(NH3)3 Cy, fCo(NH3)2 Cy , CCo(NH 3)4 Cy+, etc. (in all 
combinations). Note that, for the first example given, the 
charge on the ion is zero; it is a neutral molecule. The charge 
on the next ion is -1 (it is an anion), and for the third, + 1 
(a cation) . Thus complex ions made up from positively charged 
metallic ion cores are not necessarily positively charged. They 
may be neutral molecules, anions, or cations. 

The Hydranium Ion, Since the hydrogen ion moves much 
faster than any other ion in solution when subjected to an 
electric field, we believe that it has associated with it less 
water than other ions. If we assmne that it combines with 
one molecule of water, we may write its formula as H+(H20) 
or H3O+ 


H+ + H2O = H3O+ 



The latter ion is known as the hydroniunt ion and is believed 
by many to represent the condition of the hydrogen ion in 
water. 

One argument for this structure for the ion in water 
is that the H2O molecule possesses an extra pair of bond- 
ing p electrons which are 
available to combine wth 
the ion. This process is 
illustrated schematically in 
Figure 11.1. 

The HsO^ ion thus formed 
can have other H2O molecules 
attached to it through the 
action of dipole forces. Only 
one HoO molecule is associated 
with the ion in the form 
of a covalent bond. Other 
arguments for believing that the ion exists in water solution 
as HsO"*" are given in the following paragraphs. 

When two substances react with each other to form a third 
substance, an energy change takes place which usually mani- 
fests itself in the form of heat; heat is either liberated or ab- 



FIG. 11.1 The electronic concept 
of the formation of the HsO'*’ ion. 
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sorbed. The former is the more usual case. This lieat effect 
is usualh' large when the sub.staiice foi'med possesses great 
stability. In general, the smaller the heat effect the less stal)le 
i> the product. hen hne substance dissoK'cs in another, an 
energy change likewise re.sults. Heat is usually, not always, 
absorbed in the process of solution, but the magnitude of the 
energy change is u.sually very small compared with that in- 
volved in a cliemical reaction. Wlien HCl, H,nS(),, IIBr, 

similar suljstances are placed in water a \'er\' lai'<>e 
amount of heat is liberated, much more than one would expect 
from the .simple process of solution. On the contrai'-, when 
sodium chloride is placed in water, a .small amount of heat is 
absorbed. Many other salts behave similarly. Where the 
hydrogen ion is involved in the process of solution, the amount 
of heat lil)erated is comparable with that of many chemical 

reactions. This behavior may lie a.scribed to the formation of 
the hydronium ion. 

If we assume that one molecule of water is as.sociated with 
the hydrogen ion, the re.sulting hydi'onium ion may be repre- 
sented structuially as being similar to the antmouium ion. 

1 he hydronium ion is a complex ion and is the fundamental 

particle used in the Br0nsted definitions for the explanation 
of aeid-hase reactions, 

Pure liquid ammonia, boiling point 

-33..)° C, is a poorer conductor of electricity than is pure 

water; the conductivity of water is at least 10,000 times greater 

than that of ammonia. When hydrogen chloride is placed in 

pure ammonia the resulting solution is found to be an excellent 

conductor of electricity; the value of its conductivity is of the 

same order of magnitude as that of hydrogen chloride in water 

In this ca.se a reaction takes place which involves the formation 

of a new ion. The ion produced is quite familiar to us, the 

ammonium ion, and its formation may be expre.ssed bv the 
etjuation, 

H+ + XIl3 = XIIB (2) 


1 he ammonium ion is a complex ion and mav be looked upon 
ns an analogue of the hydronium ion. It differs from the 
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hydronium ion in that it forms salts with negative ions which 
possess considerable stability. When the excess ammonia 
from the solution just considered is allowed to evaporate, a 
solid remains which upon examination is found to be am- 
monium chloride. It is known that solid ammonium chloride 
may be heated to several hundred degrees before it noticeably 
dissociates to give ammonia and hydrogen chloride. Am- 
monia reacts in a similar manner with many other hydrogen 
compounds; thus HBr, HI, H2SO4, and HNO3 form ammonium 
salts with ammonia, all of which are highly stable in that they 
may be crystallized from solution. 

Pure ammonia ionizes very slightly in accordance with the 
equation, 

NH3 = H+ + NH2- ( 3 ) 

The hydrogen ion formed in this process combines with am- 
monia, as expressed in equation ( 2 ). The NHo" (amide) ion 
in liquid ammonia corresponds to the OH“ ion in water, and 
metal ions in combination with the NH2“ ion behave as bases. 

Like hydrogen chloride in water (hydronium chloride), 
ammonium chloride behaves as an acid in liquid ammonia. 
It will react with ammono bases such as potassium amide, 
KNH2, sodium amide, NaNH2, etc., to form salts and am- 
monia. These reactions are analogous to those between hy- 
drochloric acid and hydroxides in water. Typical reactions 
in the two solvents may be written : 

H3O+ + OH- = 2H2O ( 4 ) 

NH4+ + NH2- = 2NH3 ( 5 ) 

One of the characteristic properties of an acid in an aqueous 
medium is its ability to react with certain metals with the 
displacement of hydrogen . Thus , 

Zn + 2 H+ - Zn++ H- H2 ( 6 ) 

or, using hydronium chloride, 

Zn + 2H30'^ = Zn*^ -h H2 H" 2H2O 


( 7 ) 
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Ainmoniuni chloride in liquid ammonia belia\'es in a similar 
manner, 

Zn + 2XH4+ = Zn++ + H, + 2XH3 (8) 

Like the hydronium ion in water, the ammonium ion in am- 
monia is an acid. The only essential difference between the 
two is that the ammonium ion possesses a far greater stability 
at ordinary temperatures than does the hydronium ion. Tiie 
similarity of water to ammonia leads to the assimiption of the 
hydronium ion as the analogue of the ammonium ion. How- 
e\ er, for most purposes it is immaterial wiiicli hjrmula we use. 
Simplicity reconunends tlie use of the symbol rather than 
for the hydrogen ion in water solution. 

Solid Hydrates anci Arnnionates, The ability of ions to 
combine with water and ammonia molecules is not limited 
to the hydrogen ion. As we previously stated, attractive 
for(*es exist between ions and polar water molecules, and all 
ions are more or less associated with water in tliis medium. 
In most cases the resulting combination, wliich is not a definite 
one, is capable of existence only in solution. Sometimes a 
crystalline product containing water may be obtained froJii 
solution. The number of such compounds is relatively large; 
only a few familiar examples may be mentioned here, such as 
( USO4 ■ oH-jO, CaCl) • GHjO, Xa>S04 * lOH-^O, and CrCb • GHoQ. 
These addition compounds, made up of salts and water mole- 
cules, are commonly called hytlraies. The fact that these 
soliils contain water in definite proportions is no assurance that 
definite pio])ortions hold true in solution. The cr\’stal lattice, 
i.e., the space distribution in the crystal, allows a definite 
numl)er of water molecules to be associated or trapped witli 

each particle (ion or atom) in the crystal. Such restrictions 
do not prevail in solution. 

.Vmnionia shows an even greater tendency to combine with 
ions both in water and in li(piid ammonia to form analogous 
solid comi)ounds, called atumotiales. C'haracteristic exam- 
ples of such combinations are CuSO^ • 4XH3, CaCl, • 8XH3 
CiC I3 • GXH3, and CoC'b • GXII3. All of tliese ammonates mav 
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be crystallized from solution and upon analysis they have 
been shown to be definite compounds. In general, the am- 
monates are more stable, both in solution and in the solid 
state, than are the analogous combinations containing water 
molecules. This property of ions or molecules to combine with 
solvent molecules is not confined entirely to water and am- 
monia. Molecules of many other solvents show the same tend- 
ency to a greater or lesser degree. This fact is demonstrated 
clearly when one considers that there are known in well- 
crystallized form several thousand combinations similar to 
those mentioned above, in which water, ammonia, alcohols, 
amines, and many other solvent molecules assume a definite 
part in the crystalline solid complex. 

Valence and Complex Molecules, An examination of 
complex molecules reveals that the valence relationships among 
their atoms cannot be explained by the ordinary concepts which 
apply fairly well to other types of molecules. It appears that 
in each instance the ion in the complex molecule exhibits a 
combining capacity which exceeds the primary or ordinary 
valence. Thus in QCuCNHa) the copper ion displays the 
ability to acquire four additional molecules of ammonia. On 
the other hand, the cobalt ion takes on six molecules of water 
or ammonia. A similar situation exists in many other known 
compounds. This additional combining capacity is usually 
spoken of as the auxiliary or secondary valence^ which for 
the copper ion is four and for the cobalt ion, six. What is the 
nature of this auxiliar 3 " valence and what explanation can be 
offered to account for it? 

In an earlier chapter we considered the electronic structures 
of atoms and molecules and on this basis explained the differ- 
ence between the main and sub-groups of the periodic S 3 ^stem. 
It is the elements of the sub-groups, with their shells of 18 
rather than 8 electrons in the next to their outermost shells, 
that we shall now consider with respect to the formation of 
complex ions and molecules. 

When the periodic table is followed into the third series of 
elements (beginning with argon), scandium appears in the 
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third group. This element is not very closely related to the 
preceding elements in the same group. Since it is in the first 
long series, between argon and krypton, which series is com- 
posed of 18 elements, a shell of IS electrons must be taken into 
consideration. In the case of scandium one electron falls hark 
into a shell which already possesses a stable grouping of eight 
electrons; this shell then contains nine electrons (see p. 82). 
This is the first step in the formation of an inner shell of IS 
electrons. The same shell for the element titanium (atomic* 
number 22, one greater than that of scandium) contains 10 
electrons, for vanadium it contains 11 electrons, etc., until 
zinc (atomic number 30) is reached, which has 18 electrons. 
This number persists in this shell as far as the next rare gas, 
krypton (atomic number 30). The fourth series of the periodic 
table is likewise a long series and contains 18 elements, while 
the fifth series contains 32 elements, due to the 14 rare earth 
elements which occupy a single position in the table. 1 he 
elements in these long series have more than 8 electrons in the 


next to the outermost shell. The outermost shell contains the 
normal valence electrons. In the long series we find the ele- 
ments which make up the sub-groups of the table and, in addi- 
tion, the transition elements, such as iron, cobalt and nickel. 

Ions which show no auxiliary valence have a completed group 
of eight electrons in the outermost shell. Those displaying 
secondarv valence have in their outermost shells either a com- 
I)leted or partially completed group of 18 electrons. TIius, the 
magnesium ion (magnesium atom minus 2 electrons) has an 
outer group of 8 electrons while the zinc ion has an outer group 
of IS. 

The .secondary valence which is displayed in the formation 
of (‘omplex molecules is undoubtedly due to forces which result 
from the electrons of that shell immediatelv within the one 
containing the valence electrons of the atoms, i.e., the outer- 
most shell of the ions. The binding between the metal ion 
and the peripheralh' attached molecules or ions is probably of 
the coordinately bonded type. This fact is strongly suggested 
when one considers the properties of these complexes. (We 
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shall consider the electronic structures of complex ions in a 
later section of this chapter.) 

The Coordination Theory of Werner, About the begin- 
ning of the century, Alfred Werner, a German chemist, made 
a thorough study of complex molecules and proposed a theory 
which fits their observed properties in a remarkable manner. 
He first introduced the concept of auxiliary or secondary 
valence, thus explaining the behavior of these compounds. Let 
us examine this theory in order to explain the properties of a 
typical complex molecule such as C0CI3 * 6NH3. This molecule 
is a salt, a good conductor of electricity in water solution, and 
its anion may readily be identified as the chloride ion by the 
precipitation of silver chloride when silver nitrate is added to 
its solution. All the chlorine is found in the anion form, and 
sulfuric acid converts the complex into the corresponding sul- 
fate salt. Contrary to what might be expected, sulfuric acid 
fails to remove ammonia molecules very rapidl^^ from the 
complex, even though ammonia and hydrogen ion have a 
great tendency to combine with each other to form the am- 
monium ion, NH4'*'. 

This complex ion is not as stable as one might think. The 
dissociation constant for the equilibrium, Co(NH3)6“''^''' = 
Co"*""'"*' + 6NH3, has a value of 2.2 X 10 “^^; however, the Co+'^'^ 
ion appears to the first power and the concentration of NH3 
to the sixth power. (These high powers or exponents make the 
equilibrium constant seem inordinately small.) On standing, 
dissociation becomes appreciable; it so happens that the rate 
of dissociation is low, which effect makes it appear that the 
complex is much more stable than it actually is. On the basis 
of these properties and according to the theory of Werner the 
molecule is represented as [^Co(NH3)6llCl3, or 

NHa 1 
NH3 NH3 

\ / 

Co CI3 

/ \ 

NH3 NH3 

NH3 
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It is assumed that the addition of the six molecules of am- 
monia takes place through the secondary valencies. The 
complex grouping contains only a cobalt atom and ammonia 
molecules, and as a unit it does not possess properties char- 
acteristic of either constituent. The chlorine atoms, however, 
retain their characteristic properties, in that all three are 
readilv removed bv silver ions with the formation of silver 
chloride. Consequently, all three chlorine atoms must exist 
in solution as chloride ions. The conductivity of this complex 
in water solution has a value similar to that of a typical tri- 
univalent electrolyte such as ferric chloride, FeCb; hence the 
complex must produce four ions. Accordingly, we may indicate 
its structure in solution as 


r NH3 1 


NH3 

NH3 


\ 



Co 

+ 3C1 


\ 


NH3 

NH3 


L NH3 



One molecule of ammonia may be easily removed from the 
cobalt complex discussed above by heating the solid to 250° C. 
This procedure produces the compound C 0 CI 3 • 5 NH 3 . When 
this molecule is treated with silver ion in water solution, onlv 
two chlorine atoms are readily removed through the precipita- 
tion of silver chloride. In addition, the conductivity of this salt 
shows it to he a bi-univalent electrolyse, producing only three 
ions. Its structure may be represented as 



++ 


+ 2C1- 


In like manner [Co(NH 3 ) 4 Cl>]Cl is found to be a uni- 
univalent electrolyte, because of its conductivity and because 
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silver ion reacts rapidly with only one chloride ion per mole- 
cule. [Co(NH3)3Cl3l| is quite insoluble in water and is a non- 
conductor of the electric current. Silver ion fails to precipitate 
silver chloride rapidly when added to a solution of this com- 
pound. Continued removal of ammonia and the addition of 
potassium nitrite produces KQCo(NH 3 ) 2 (N 02 ) which is found 
to be a uni-univalent electrolyte and to ionize as 

K[Co (N H3) 2 (NO2) 4] = K+ + [Co (NH3) 2 (NO2) 4]- ( 9 ) 

The resulting charge on the complex ion is negative because the 
nitrite ions replacing the ammonia molecules in the complex 
are themselves negatively charged. By this process a neutral 
molecular complex is changed into a negatively charged ion. 

The resulting charge on any complex ion can easily be de- 
termined by taking the algebraic sum of the charges on the 
constituent parts of the complex ion. Thus, in this case, 

Co+++ contributes 3 -I- 
2 NH 3 contribute 0 
4 N 02 ~ contribute 4 — 
resultant charge 1 — 

The next member of the series is not known, but its formula 
would be K 2 [Co(NH 3 )(N 02 ) 5 ll, a uni-bivalent electrolyte. The 
last member of the series is well known as potassium co- 
baltinitrite which is only slightly soluble in water. In one 
of the analytical tests for potassium ion, the sodium salt, 
Na 3 [Co(N 02 ) 6 D, is added to a solution of the unknown. In 
dilute solution NaK2[Co(N02)63 is precipitated if potassium 
ion is present; in concentrated solution K3[Co(N02)6] niay 
be formed. The latter is a uni-trivalent electrolyte, as shown 
by the magnitude of its conductivitj', and ionizes in solution 
to produce four ions, 

K 3 [Co(N 02 ) 6 ] = 3 K+ + [Co(N 02 ) 6 ]— ( 10 ) 

The following series of platinum compounds is also well estab- 
lished: [Pt(NH3)6]Cl4, [Pt(NH3)5Cl]Cl3, [Pt(NH3)4Cl2]Cl2. 
[Pt(NH3)3Cl3]Cl, [Pt(NH3)2Cl4], [Pt(NH3)Cl6]K, and 
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It will be observed that the number of j;^inirle eon- 
stituen ts associated with the central atom in th(‘ compTex 
cation or anion, as the case may be, in l)oth the cobalt and 
platinum series, is always six. This number is known as the 
coordination number^ which for most ions is usually 4 or 
6. In the case of the well-known copper-ammonia complex ion, 

the coordination number of the copper is 4 . 

The coordination number of an ion in many instances is 
equal to twice the charj^e on the ion. Thus the coordination 
number of Cu’‘"*‘ is 4 ; that of Zn^^, 4 ; that of 2 ; that 
of Cu^, 2 ; and that of Co^'^’^, 6. This rule is not a rigid one; 
the most common exception is the coordination number of (3 
for Fe"*"*" in the ferrocvanides. 


The complex anion or cation or molecule is sometimes desig- 
nated as the coordination sphere. Thus the coordination 
sphere of the compound [Co(XH3)5Cl]Cb contains one cobalt 
atom, five molecules of ammonia and one chlorine atom. 
Polyvalent acid radicals, sucli as S04"~, C'O.-r", C>04““ (oxa- 
late) ions, may be taken up by the central atom and occupy 
two positions in the coordination sphere; for example, in the 
complex [Co(NH 3)4H04]C1, the coordination number of the 
cobalt ion remains as 6. Although the examples given above 
for the cobalt and platinum series contain only ammonia 
molecules, it must be remembered that water and other solvent 
molecules can occupy positions within the coordination sphere. 
The ammonia complexes are chosen here since they are well 
defined and relatively simple. 

The following list includes some of the molecules and ions 
which form complexes with metallic cations: 


Nib, UNIT, R,>NH, R3N 
II.> 0 , ROII, R2O 
CO, NO 

CN-, SCN-, F-, OH- C 1 -, Br-, 1 “ 
(The s\’mbol R refers to an organic radical) 


The student is very probably familiar with some of the com- 
plexes formed with negative ions, such as: ferritwanide ion, 
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Fe(CN)6 ; ferrocyanide ion, Fe(CN)6 ; anrous cyanide 
ion, Au(CN) 2 “, formed in the extraction of gold by the cyanide 
process; nickel carbonyl, Ni(CO) 4 , an intermediate compound 
in the extraction and purification of nickel; and Ag(Cl 2 )”- 
The Geometrical Configurations of Complex Ions. 
Previously we indicated schematically the structure of the 

[]Co(NH 3 ) 63 '*^'^ ion as lying in 
one plane. Actually the dis- 
tribution of the NHs molecules 
about the (Co"'^'*") core is that of 
an octahedron. In fact, all com- 
plex ions with a coordination 
number of 6 have octahedral 
structures. The octahedral 
structure of []Co(NH3)6D'^"‘‘ is 
that given in Figure 11.2 
The core lies within 

the octahedron. All edges of 
the octahedron have equal lengths. Suppose that we substitute 
two of the NHs groups by Cl" ions. It will be apparent that 
substituting the Cl" ions in positions 1 and 2 will result in the 
same configuration as in 1 and 4, 1 and 5, 1 and 6, 2 and 3, 

2 and 4, 2 and 6, 3 and 4, 3 and 5, 3 and 6, 4 and 5, and 5 and 6. 
In each of the above cases one gets the same configuration b}" 
twisting the molecule around.* However, if the two Cl" ions 
occupy positions 1 and 3, they are different from those cited 
above, but exactly like those configurations in which the Cl" 
ions occupy positions 4 and 6, and 2 and 5. There are there- 
fore two kinds of CCo(NH3)4(Cl2)I|'^ ions. The former are 
known as the cis and the latter as trans forms. These two dif- 
ferent kinds of compounds have been isolated and shown to 
be different. The fact that two different compounds and no 
more than two are known confirms the octahedral structure 
of cobalt complexes and, in fact, all complexes with a coordi- 

* Note that this t\visting-of-the-molecule viewpoint does not apply in the case 
of resonance. With resonance the electron is conceived of being in both positions 
at the same time, or oscillating so fast as to be practically in this condition. 



FIG. 11.2 The octahedral struc- 
ture of the Co(NH 3)6'^''^ ion. 
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nation number of 6. These complex ions or compounds ]ia\'in<z: 
the same empirical formulae, i.e., built up of exactly the same 
constituents, but having different configurations and dif- 
ferent properties, are known as geometrical isomers (com- 
pounds which differ only in the geometrical location of the dif- 
ferent components]. 

Let us now consider the complex ions havitig a coordinati(jn 
number of 4 (four molecules or ions al)out the central eovo). 
In this case two possibilities present themselves. Let u> con- 
sider the generalized comjiound or ion []A(X) 4 ] wher<‘ ,l r(‘j)re- 
sents a metallic atom or i{>n and A' the perij)heral groups. 

The first case to consider is 


(1)X 



X(3) 


X(2) 


FK'i. 11.3 Planar structure of com- 
plex ions witli coordination numUer 

of four. 


that in wliich all the X groiii)s 
lie in a ])lane, at the conu'rs 
of a sc|uare. This condition is 
illustrated in Figure 11.3. If 
two of the X groups are sub- 
stituted l)y groups, giving 
the compound or ion [A (A')..( then if the )' groups art' in 
positions 1 and 2, 2 and 3, 3 and 4, and 1 and 4, they are etpu va- 
lent. But if the y groups are in positions 1 and 3 or in 2 and 

4, the compound is different from 
that formed when the Y groups are in 

the positions previously cited. Again, 
geometrical isomers are formed. 
An example of such geometric 
isomers is found in the compound 

[Pt(XH:0.ci,]ch. 

The other case to consider is that 
in which the peripheral groups are 
located at the corners of a tet ra- 
iled ron as illustrated in Figure 11.4. 
In this case, if two Y groups are 
substituted for two of the X groups, all configurations are alike 
and no geometrical i.somers are formed. This is one criterion 
in determining the geometrical shapes of the complex ions with 
coordination number of four. 



Fid. 11.4 Tetialiedral struc- 
ture of complex ions with 
coordination number of four. 
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Only if all four outer groups in the tetrahedral configura- 
tion are different can isomers be formed. This condition is 
illustrated in Figure 11.5. Configuration I cannot be twisted 
around in any way to be the same as II. This type of iso- 
merism is treated very fully in the study of organic chemistry. 


B B 



I II 

FIG. 11.5 The two kinds of isomers formed when all four groups in a 

tetrahedral structure are different. 

The Electronic Structures of Complex Ions — General 
Concept. Although the theory of auxiliary valence from the 
standpoint of electronic structure is not as clear-cut as the 
simple valence theory heretofore discussed, yet several impor- 
tant correlations present themselves. 

Let us consider the structure of the zinc ammonia complex 
ion, Zn(NH 3 ) 4 ‘^''‘, as a basis for our discussion. The K, L, and 
M shells of the Zn"*^ ion contain 2, 8, and 18 electrons, re- 
spectively. Let us assume that each of the four ammonia 
molecules shares 2 electrons with the central Zn"*^ ion. The 
zinc-ammonia complex ion structure would then be that il- 
lustrated in Figure 11.6. The configuration of electrons about 
the zinc nucleus in the complex ion would be: 2, 8, 18, and 8, 
the same structure as that of krypton. 

Although it is difficult to find many complex ions the struc- 
tures of which fall into as clear a picture as this, a rather large 
number exist for which the total outside electrons contributed 
as a sharing process by both the central ion and the comple- 
mentary groups, equals 26 (18 + 8). All the complexes of the 
Co’*"'^'^ ion fit this scheme. As an example consider the 
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FIG. 11.6 Zinc-ammonia complex ion. 


Co(NH 3)6'^'^^ complex ion. The outermost shell of the Co'^'^+ 
ion contains 14 electrons (see table, p. 82) and the six NHg 
groups contribute 12 electrons. The same is true for the 
Co(NH 3)5C1"*""'' ion and the Co(N02)6 ion. Some of the other 
ions and molecules which fall into this category are the plat- 
inum ion complexes previously listed, Fe(CN)6 , CdCU — , 

HgBr4 , and Ni(CO)4. Alany other examples of this kind 
can be found. The assumption usually made in these cases is 
that when the electrons assume the 18- and 8-electron outer 
structure there is little distinction between the electrons in the 
18 and the 8 groups. 

There are many cases also known for complex ions having 
less tlian 26 electrons in the outer shells. The Cu(NH 3 ) 4 ++ ion, 
for example, has onh^ 25. Apparently, the 18 shell need not be 
completely filled to obtain a stable structure. Very seldom, 
however, do complex ions display more than 26 electrons in 
the outer two shells. Complexes of the cobaltous ion, Co-^^, 
such as Co(CN) 6 , are examples of the latter type, but 
these complex ions are very good reducing agents, i.e., they 
have a strong tendency to lose this extra electron. 
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Orbitals and Configurations of Complex Structures* 

The foregoing general considerations give us a rough picture 
of complex ion formation through the tendency of the inner 
metallic ion to form a rare gas structure by the addition of 
extra electrons contributed by the peripheral groups. In the 
last few years a great deal of attention has been paid to the 
more detailed structure of these ions in terms of their orbitals. 
All the answers are not yet complete. Yet we present these 
considerations, not because they explain all the facts un- 
equivocally but rather as a point of view which is gaining more 
and more importance and one with which the student, teacher, 
and professional chemist will be concerned if he is to keep 
abreast of the development of structural chemistry. Ob- 
viously, in a course such as this, only the viewpoint and t^e 
feeling for the subject can be presented. The student should 
not expect his instructor to explain what may seem to him 
anomalies. In many cases, nobody knows the answers, as yet. 

Let us reconsider the electronic structure of Zn(NH3)4'*^ in 
terms of the orbitals involved. To do this, we refer to Figure 
11.7. Here we present the many electrons of the zinc atom, the 
zinc ion, and the zinc ammonia complex core in terms of the 
energies of the electron orbitals. The energies of the various 
orbitals are plotted as ordinates (up and down positions). The 
lowest orbital (Is) is the most stable, i.e., electrons in this 
orbital require the greatest energy to knock them out, or re- 
move them, by any means, from the atom. The higher up the 
orbitals are in the figure, the more easily the corresponding 
electrons are removed. The nearer the lines, representing the 
various energy states, are to each other, the more alike are 
the energies of these two states. Electrons can be promoted 
from a lower to a higher level only if external energy is applied. 
Such energy is often provided by the bonding of the peripheral 

groups. 

There is also a correlation between the ordinates (the up and 
down positions) of the orbitals and their distance from the 
nucleus. The lowest orbitals in the charts are the nearest to 
the nucleus. 
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FKi. 11.7 The electronic orbitals of the zinc atom, the Zn^^ if)n. ami the 


core of the Zn(NH:,)4^^ ion. The open circles indicate both the 
electrons and the numl)er of electrons contributed by the i)erii)heral 


bondimj; 

^roui)s. 


Tlic numbers associated with the levels represent the prin- 
cipal (luantum numbers; thus for the 3.s‘ orbital the i)rincipal 
(juantum numl)er n = 3. Note that the only difference be- 
tween the electronic energy structures of the Zn atom and the 


Zn^+ ion is that, in the structure of the 7a\^ ion, tlie two 4 s 
electrons (the valence electrons) are missing. In the case of 
Zn(NH 3 ) 4 '^'* ion eight extra electrons are added by the XH;) 
molecules (.see structure of NH, on p. 54). These added 
electrons are indicated by open circles and act as the covalent 
bonding electrons holding the NH 3 molecules to the Zn+^ ion. 
Before joining the complex these electrons (on tiie NH 3 mole- 
cule) were 2 s electrons, but in this combination the\' Iia\'e lost 
that identity, i.e., they have changed their character. Note 
that only s and p electrons are involved in the bond. The s 
electrons have become identical with the p electrons and are 
said to be promoted; their energies are the same. Four pairs 
of electrons which are of the s and p type (promoted) give 
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rise to a tetrahedral structure (see p. 258 on carbon atom). 
The 3d electrons do not take part in the bonding. In fact, the 
tetrahedral structure involving only s and p electrons is the 
invariable rule, when the d shell is filled as in the case of Zn*^+ 
ion and also Hg"*"*", and when the coordination number is 4. 

When the d shell is involved in sl d, s, p coupling, and when 
the coordination number is 4, the resultant structure is planar; 



FIG. 11.8 The electronic orbitals of Ni’*"'*' ion, the core of the Ni(NH 3 ) 4 '^ 
ion, and the core of the Ni(CN )4 ion. The open circles indicate both the 
bonding electrons and the number of electrons contributed by the peripheral 

groups. 

in the form of a square. To illustrate this, let us consider the 
ions Ni(NH 3 ) 4 '^''‘ and Ni(CN )4 . The electronic energy 
structures for these ions, together with that for the Ni"*^ ion 
is given in Figure 11.8. Note that in the Ni*^ ion there are 
only eight 3d electrons two of which are unpaired (according 
to the rule given on p. 81). These unpaired electrons, which 
line up magnetically, should give rise to a magnetic moment, 
i.e., the Ni"*"^ should be attracted into a magnetic field (as is a 
bar magnet). Quantitative magnetic measurements indicate 
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that there are two unpaired electrons in the ion, as indi- 

cated in Figure 11.8. Only s and p electrons are involved in 
the Ni(NH3)4'''''‘ complex ion. This electronic structure is 
assigned to the ion both because X-ray diffra(*tion analysis 
indicates that the molecule is tetrahedral (like the carbon atom) 
and magnetic measurements indicate that there are two free 
electrons, as in the Ni++ ion. The bond type here is sp^ 

On the other hand, Xi(CX)4~“ lias a structure involving d, s, 
and p bonding electrons. In this case the bond type is dsp\ 
This configuration, according to calculation, indicates a square 
structure. This is confirmed by X-ray analysis. As would be 
expected from the structure indicated in Figure ll.S, magnetic 

measurements indicate that there are no free electrons in the 
Xi(CX)4”“ ion. 

In analyzing these diagrams, the student should realize 
that when electrons are contributed to the central atom by the 
peripheral groups these electrons lo.se their identity. Idiey 
are not labeled. The two electrons which are added to the 
X'i‘^+ ion by the XH3 molecules to fill in the 3d level (or shell) 
are not necessarily tlie bonding electrons. Tlie bonding elec- 

circles) are determined after the 
structure is completed. The energy or (luantum number 

assignment of any electron does not depend upon its past 
history. 

Let us now consider an example which illustrates the limi- 
tations of our knowledge in this subject. For this we shall 
consider the Cu(NH3)4'''“'‘ ion. In Figure 11.9 we give the elec- 
tronic energy structures of the Cu atom, the Cu++ ion, and the 
core of the Cu(NH3)4++ complex ion. Looking at the struc- 
ture of the Cu++ ion we might expect that the eight electrons 
contributed by the NHj groups would fall in the 4s and 4p 
orbitals and that these orbitals would be responsible for the 
bonding. If this were so, and if our original postulates were 
correct, we should expect that the Cu(NH3)4++ would be tetrahe- 
dral in structure. However, X-ray analvsis indicates that 
the structure is a square one. .\gain, if our original postulate 
IS correct, namely, that a .square structure involves s p and 
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FIG. 11.9 The electronic orbitals of the copper atom, the Cu++ ion, and 
the core of the Cu(NH 3 ) 4 '*^ ion. The open circles indicate both the bonding 
electrons and the number of electrons contributed by the peripheral groups. 


d electrons, we are forced to the structure indicated in the 
diagram. In this structure the one odd electron is left in the 
4p level. Magnetic measurement gives us no information, 
inasmuch as these measurements give only the number of 
unpaired electrons and no information as to whether any one 
is in the d or p level. 

The structure of the Co(NH 3 ) 6 ‘^^ ion is a regular one. In 
Figure 11.10 the electronic energy structures for the Co atom, 
the Co"^"^ ion, and the core of the Co(NH 3 ) 6 "*“^ are given. 
In forming the Co"^'^ ion the Co atom loses its two 4s elec- 
trons and one d electron, leaving four unpaired d electrons. 
The addition of six ammonia molecules to the complex adds 
twelve electrons; four in the 3d, two in the 4s, and six in the 
4p shell. Twelve valence electrons are necessary, and we 
might guess that these valence electrons would be those indi- 
cated in Figure 11.10. The structure is octahedral, and there 
are no unpaired electrons. The facts presented here corre- 
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FIG. 11.10 The electronic orbitals of the cobalt atom, the Co+++ ion and 
the core of the Co(NH 3 ) 6 +++ ion. The open circles indicate both the bondin''- 
electrons and the number of electrons contributed by the peripheral groups! 

spend with the structures determined by X-ray ana^-sis and 
magnetic measurements. Similar measurements indicate that 
all complex ions with coordination number six have octahe- 
dral structures and are bonded by d^sp^ orbitals (here the 
superscripts^ Jndicate the numbers of pairs of electrons). 

® Fe(CN)6 are well known examples. 

1 he arguments given here also apply to other elements with 
similar outer-electron structure, such as Pt, Au, and Hg. 

These examples illustrate the state of the science of com- 
plex ions. In most cases, with the exception of the A(X6) 
complexes which are always octahedral, we cannot predict 
offhand the geometric structure of these ions. In many cases 
the geometric structure can be predicted if we know the mag- 
netic data concerning the number of unpaired electrons At 
the present state of our knowledge in this field we are able to 
rationalize the facts quite well, but we cannot predict from 
general knowledge with any certainty what the geometric 
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structure of any given ion is. At the present time we are in 
the hypothesis stage. We guess, we rationalize, we draw 
analogies, and we coordinate all the known experimental facts 
which bear upon the problem. 

When we can lay down some principle which allows us to 
predict these structures from very fundamental considerations 
we shall have a “law” — then the problem will be in hand. 
A study of the theory of complex ions is a hving example of 
the growth of a scientific theory. 

Homoatomic Anions. Many complex anions are known 
which are formed by the combination of negative ions with 
neutral atoms or molecules. When the neutral atom or mole- 
cule and the negative ion of such a complex involve only a 
single element, then the complex anion is known as a homo- 
atomic anion. Potassium iodide is a salt which in water 
solution ionizes completely to give potassium and iodide ions. 
Although iodine displays a very low solubility in pure water, 
when added to an aqueous solution of potassium iodide it dis- 
solves readily. Properties of the solution, such as the lowering 
of the freezing point and the conductivity, indicate the pres- 
ence of only two ions. This and other evidence points to the 
conclusion that a tri-iodide ion is formed through the reaction, 

I- + L = I 3 - (12) 

The combining weights are also in agreement with this equa- 
tion. Thus it appears that the negative iodide ion takes up a 
molecule of iodine, I 2 , to form a complex anion, the type which 
has already been designated as a homoatomic anion. Although 
this reaction proceeds only as far as the tri-iodide stage in 
water solution, in the solid condition iodide ions of greater 
complexity are easily produced. Thus, the iodide ion under 
suitable conditions will take up molecules of iodine to form 
complex anions, Ir, I?", and L". As might be expected, an 
odd number of iodine atoms is always present in the complex 
anion. Ions having an even number of iodine atoms are not 

known. 

Many other negative ions show properties conforming to 
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those of the iodide ion, one of wliich we shall consider in rela- 
tion to analytical procedures and problems of analysis, namely, 
the sulfide ion, S”“. This ion in water solution reacts with 
sulfur to produce complex anions which contain only sulfur 
atoms and bear a charge of - 2 ; the first stage of the reaction 
is represented by the equation, 


.s- - + s = s,. 


(13) 


Evidence points to further reaction to form S:r“, 85 ““ 

ions, and perhaps anions containing, a larger number of sulfur 
atoms. It will be ol).ser\ed that (“ach ion carries a charge of 
- 2 , regardless of the numljer of sulfur atoms it contains. 

In the separation of arsenic from the copper group, yellow 
ammonium sulfide ma\’ be used, since this leagent dissol\es 
the sulfides of the ar.senic group but not tho.se of the copper 
group. I he exact composition of the ammonium poKsulfide 
is not known; the solution undoubtedly consists of a mixture 
of .several of the complex sulfide ions mentioned before. For 
simplicity we shall regard it as containing chiefly ions, 

taking arsenous sulfide as typical of the arsenic group, we may 
illustrate the action of the ammonium polysidfide (ncIIow 

ammonium .sulfide) by the ecjuat ion. 


A.S2S3(.solid) + 3S..-- = 2 .-\sS4 + S 


(14) 


The arsenous sulfide is oxidized by the poly.sulfide .solution 

to the thioarsenate ion, .\s.S 4 . The sulfur formed in 

leattion (14) is again dissolved by the sulfide solution. 
.\mmonium or sodium sulfide will di.ssolve As-.S^ readily but 
will not dissolve AsjS:, to any appreciable extent. We may 
regard the proce.ss of solution of A.s.,.S .3 by the polvsulfide as 
one of oxidation by the dis.solved sulfur with sub.sequent .solu- 
tion of the As^Si, as illustrated by the eejuations. 


AsjS.f + 2S(dissolved) = A.s.Sj 
As^Ss -I- 3S-- = 2AsS., 


( 1 0) 
(10) 


The role played by complex anions and cations in procedures 
of (luahtative analysis will be described in Part II of this text. 
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when we consider the properties of individual ions, the proper- 
ties of analytical groups and the methods used for their 
separation. 

Equilibria Involving Complex lons^ When ammonium 
hydroxide is slowly added to a solution of silver nitrate, there 
is first observed a brown precipitate of silver hydroxide (or 
silver oxide). In the presence of a large number of silver ions, 
there are sufficient hydroxide ions from the ionization of the 
ammonium hydroxide to exceed the solubility product con- 
stant of silver hydroxide. However, the continued addition 
of ammonium hydroxide to this same solution is found to dis- 
solve the silver hydroxide with the formation of the complex 
silver ion. 

Experiments show that the ammonia molecule is responsible 
for the dissolving of the silver hydroxide. The original solu- 
tion of silver nitrate contains only silver and nitrate ions, 
while the ammonium hydroxide solution introduces four new 
constituents, ammonium ions, hydroxide ions, free ammonia, 
and ammonium hydroxide molecules, all of which are in 
equilibrium with each other: 

NH3 + HoO = NH4OH = NH4+ + OH- ( 17 ) 

Neither the ammonium ion nor the hydroxide ion is respon- 
sible for the dissolving of silver hydroxide by an excess of 
ammonium hydroxide. The only two constituents left are 
free ammonia and ammonium hydroxide molecules. We are 
not able to distinguish between the two, the equilibrium 
between them never haAnng been determined with any degree 
of certainty. We may consider ammonia in water as con- 
sisting entirely of free ammonia, NH3, or of ammonium h}'- 
droxide, NH4OH, molecules, whichever is more convenient. 
For our purposes it matters little which we choose. The 
silver-ammonia complex ion, Ag(NH3)2'*', is the substance 
formed. (It is to be noted that the names of these complexes 
are ammonia complexes and not ammonium complexes. 
Ammonia refers to the molecule NH3; ammonium to the 
radical NH4.) The coordination number of the silver ion in 
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the silver-animonia complex is 2. The original experiment 
may now be expressed in the form of two equations, 

Ag+ + XH4OH = AgOH(soli(I) + XH4^ (18) 

AgOH(solid) + 2XH3 - Ag(XH,)2"^ + OH’ (19) 

Since silver ion and ammonia combine to form the silver- 
ammonia ion, we would also expect this ion to dissociate some- 
what into its constituents, 


Ag(XH3)2+ = Ag+ + 2XH3 


( 20 ) 


The dissociation process is in a general way like the dissocia- 
tion of weak acids and bases. La(*king sufficient information, 
the dissociation is expressed by the over-all reaction (equa- 
tion 20), rather than by steps. According to the e(]uation 
three kinds of particles are in equilibrium with ea(‘li other, 
the silver-ammonia complex ion, silver ion, and ammonia 
molecules. If an additional amount of sih'er ions was a<lded 
to this system, the ecpiilibrium would shift to the left, with 
the formation of more silv'er-ammonia ions. The a<ldition of 
ammonia molecules would have the same effect. Dilution 
with water would favor the dissociation of the complex to pro- 
duce more ions. We may write an equilibrium constant for 
this reaction in the usual way, with the products appearing 
in the numerator and the reactants in the denominator as 
follows : 

(.\g+)(XH3)2 

XO/\ •*/ fy' 




= A' = G X 10 


-8 


The dissoeiation constant has a value of 6 X 10“^ which is 
sufficiently low to signify that the dissociation of the com- 
plex ion is slight. What then is the amount of dissociation of 
this complex ion in a solution in which it is present at moderate 
concentration? 

Let us take, for example, a solution which is 0.1 molar with 
respect to silver-ammonia and nitrate ions, Ag(NHd>‘^ and 
NOs^. The concentration of the silver-ammonia ion would be 
very nearly 0.1 molar provided it were not appreciably dis- 



270 


COMPLEX IONS 


sociated. Since we know from the small value of the equilib- 
rium constant that its dissociation must be very low, we can 
assume that the concentration of the silver-ammonia ion is 
practically 0.1 molar at equilibrium. Let X be the number of 
moles of the complex which dissociate, then the concentration 
of the silver ion at equilibrium will be X and the concentration 
of the ammonia molecules, 2X, Therefore, 


(Ag+)(NH3)2 X(2Xy~ 4X3 

(Ag(NH3)2-^) 0.1 0.1 


6 X 10-® 


4X3 = 6 X 10-^ 


and X3 = 1.5 x 10 ® 


X = 1.15 X 10“3 and 2X = 2.3 X 10“3 mole per liter 


In a 0.1 molar solution of the silver-ammonia nitrate, the con- 
centration of the silver ion is then 1.15 X 10“3 mole per liter 
and the concentration of the free ammonia is twice as great. 
These values appear to be quite large, larger than one would 
expect for a highly stable complex. As a matter of fact the 
silver-ammonia complex is about the least stable of the known 
ammonia complexes. It will be recalled that in the case of the 
cobalt-ammonia complexes the addition of sulfuric acid merely 
converted the original salt to the sulfate and failed to remove 
readil}^ any ammonia from the complex ion. However, in the 
case of the silver-ammonia complex the situation is entirely 
different.* When a strong acid is added to a solution of the 
latter the complex is destroyed due to the combination of the 
ammonia with hydrogen ion. In this process the equilibrium 
(equation 20) shifts to the right. Addition of sulfide ion, iodide 
ion, and other ions which form very insoluble salts with silver 
ion will also destroy the complex. 

But now consider the situation in the presence of the chloride 
ion. Suppose we attempted to make a solution 0.1 molar with 
respect to silver-ammonia and chloride ions. What would 
the concentration of the silver ion be in this solution? It is 
obvious that the concentration of the silver ion could not be 
1.15 X 10“3 mole per liter as it was in the case of the silver- 
ammonia complex nitrate solution, for with a concentration of 
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chloride ion in the solution as high as 0.1 mole per liter, the 
solubility product constant would be exceeded for silver 
chloride (K^p = 2.8 x 10“^“) by more than one millionfold. 
Hence, silver chloride would precipitate from solution and the 
concentration of the silver ion would be greatly reduced. It 
is apparent that in such a case the silver ion concentration 
must satisfy both equilibria, the complex ion equilibrium and 
the solubility product equilibrium of silver chloride. In order 
to prevent the precipitation of silver chloride in this solution, 
it is evident that the concentration of the Ag+ ion must be 
less than 2.8 X 10"‘h for 


or 


(Ag+)(Cl-) = (Ag+)(0.1) = 2.8 X 10-i« 
(Ag+) = 2.8 X 10-9 M 


This amount of silver ion must Iikewi.se be in equilibrium 
witli the silver-ammonia complex ion, which in turn requires 
a fairly high concentration of ammonia in solution to prevent 
the dissociation of the complex ion. In other words, a rela- 
tively high concentration of ammonia is required to dis.^olve 
silver chloride, the quantitative calculation of which is to be 
found in the following examples and problems. 


Examples of Problems Involving Complex Ions 

Example 1. 

How many moles of XHg mu.st be added to 1 liter of water to 
enable this solution to dissolve .001 mole of solid silver bromide? 
The solubility product constant for AgBr has a value of 5 X l0-'\ 

aiul the \ alue ioi the dissociation constant for the silver-ammonia 
complex ion is (> X 10“’^. 

The reaction which takes place when the solid AgBr dissob'cs is 


AgBi’t.j -b 2X1 1:t = Ag(XH;().,+ -h Br- 
Two equilibria are involved in this process 


(1) 


AgBr(«, = Ag+ -b Br- 


and 


( 2 ) 


Ag(XH3)2+ = Ag+ -b 2 XH 3 


(3) 
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The concentration of the Ag"*" ion must be the same for both equi- 
libria as long as solid AgBr and Ag(NH3)2‘^ ion are present. From 
the equation for the reaction we see that .001 mole of AgBr, when 
it has just dissolved, produces .001 mole of Ag(NH3)2'*' ion and 
.001 mole of Br“ ion. From equation (2) we have 

(Ag+)(Br-) = 5X10-13 

When (Br“) becomes .001 M, then 

(Ag**-) = — — = 5 X 10-11* mole per liter 


This latter value will also be the concentration of the Ag'*' ion which 
is in equilibrium Avith the complex ion when the AgBr has just dis- 
solved, since both equilibria are confined to the same solution. 
Practically all of the silver in the solution is in the form of AgCNHs)^'^ 
ion. Therefore, we may assume that the concentration of the 
Ag(NH3)2''' ion is .001 M. Then, from the equilibrium expression 
for reaction (3), we have 


(Ag^)(NH3)^ 

(Ag(NH3)2+) 


5 X lO-io X (NHa)^ 

.001 


= 6 X 10-3 


(NH3)2 


6 X 10-3 X 10-3 
5 X lO-i** 


12 X 10-2 


(NH3) = 3.2 X 10-1 = Q 3 (approximately) 

In this calculation the amount of ammonia consumed in forming 
the complex ion is .002 mole, which is negligible compared with 
0.3 mole. However, it should be emphasized that the total amount 
of ammonia required to dissolve the AgBr is the sum of the com- 
bined and free amounts; in other words, it is 0.320 + 0.002 or 
0.322 mole. Since the application of the Law of Mass Action is 
not valid when the solutions become too concentrated, the value 
of 0.3 M is sufficient, though approximate. 


Example 2. 

What is the concentration of the Zn++ ion in a solution made b} 
adding 0.1 mole of ZnCb and 0.4 mole of NH3 to water to make 
1 liter of solution? 

Since the formula for the zinc-ammonia complex ion is Zn(NH3)4'^, 
the amounts of Zn'*^ ion and NH3 given here are just sufficient to 
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form 0.1 mole of the complex ion. Let us assume that this amount 
of the complex ion is formed and that it dissociates until etiuilibrium 
is reached, in accordance with the equation 

Zn(NH3)4++ = Zn+^ + 4 XH 3 

The dissociation constant for this complex ion has a value of 

3.4 X 10“’^. If X moles of the complex ion dissociate, then, at 
equilibrium, (Zn-*^) = X, (NHs) = 4A’', and (Zn(XH3)4^+) = 0.1 - X. 
We then have 


(Zn++)(NH3)^ X(4X)^ (4)LV^ 2.56X^ 

(Zn(XH3)4++) 0. 1 - X 0. 1 - X 0. 1 - X 


= 3.4 X 10- 


10 


Neglecting X as compared with 0.1, the expression becomes 


256X5 

0.1 


= 3.4 X lO-i® 


X5 - 


3.4 X 10-“> X 0.1 
2.56 X 10'^ 


3,4 X 10-^’ 
2.56 X 102 


1.33 X 10-^5 


= 133 X 10-‘5 

X — 2.7 X lO'^ = .0027 mole per liter = (Zn"'”*') 

(NH3) = 4X ^ .01 mole per liter 

The student might encounter some difficulty in finding the fifth 
root of 133. All that is necessary to do in this case is to obtain the 
logarithm of 133 which is 2.124. Dividing this by 5 we have 0.425 
and thje antilog of 0.425 is very nearly 2J. 


Example 3. 

(a) How many moles of Agl will dissolve in 1 liter of 1 Af XH4OH 
solution? 

Silver iodide is very slightly soluble in pure water (Xs.p 

— 8.5 X 10 *^), but in NH4OH solution there is some tendency for 

the Ag+ ion to combine with the XH3 to form the Ag(NH3)o+ ion 
according to the equation “ ' 


Agl,., + 2XH3 = Ag(XH3)2 + I- 


(1) 
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However, the amount of complex ion formed will be very small 
since Agl is so insoluble. From the equilibrium expression for the 
complex ion we have 

(Ag(NH3)2+) 

Since such a small amount of the complex ion is formed it may be 
assumed that practically all of the ammonia exists in the free con- 
dition in solution and has a value of 1 M. Then 


(Ag+) = 6 X 10-«(Ag(NH3)2+) 

From this expression it is seen that the concentration of the 
Ag(NH 3 ) 2 '^ ion is very much larger than the concentration of the 
free Ag+ ion. This means that practically all of the silver in solu- 
tion is in the form of the complex ion. Also the concentration of 
the I~ ion in solution must be practically the same as the concen- 
tration of the complex ion. 

(I-) = (Ag(NH3)2+) 

From the solubility product expression, we have 

(Ag+)(I-) = (Ag+)(Ag(NH 3 ) 2 +) = 8.5 X 10'*^ 

Substituting in the second expression the value for the (Ag(NH 3 ) 2 ‘*') 
above, 


(Ag+)2 = 8.5 X 10-'^ X 6 X 10-8 - 5 X 
(Ag+) = 2.2 X 10-^2 

O 2 V 10—^2 

(Ag(NH 3 ) 2 +) = (I-) = e x 10-8 == 3.7 X 10-s mole per liter 


Thus the concentration of the I~ ion is 3.7 X 10“® this value 
is also the solubility of the Agl in the 1 M NH 4 OH solution. 

The same result could have been obtained in the following man- 
ner. Since two equilibria are involved in this system, let us divide 
one equilibrium expression by the other. Then 


(Ag+)(I-) (Ag(NH3)2-")(I-) _ 8.5 X 10->- 

(Ag+)(NH3)2 (NH3)2 6 X 10-8 

(Ag(NH3)2^) 


14 X 10-'® 
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This is the equilibrium constant for reaction (1). But since (NH3) 
has a value of 1 M and (Ag(NH3)»‘^) equals (I“), 

(Ag(XH3)o+) X (I-) = (I-)^ = 14 X lO-’*’ 

(I-) = 3.7 X 10- M = (Ag(XH3)2-^) 

= solubility of Agl 

(b) What concentration of XH4OH would be necessary to dis- 
solve .01 M of Agl in 1 liter of solution? 

Using the value obtained in (a) we have 


(Ag(XH3)2^)(I-) 

(XH3)2 


14 X 10-'® 


If .01 mole of Agl were to dissolve, (1-) and (Ag(XH3)2''-) would 
each have a value of .01 M. Then 


(.01)(.01) 

(XlbO^ 

(XHa)^ 


14 X 10-'® 


1 X 10-' 
14 X 10-'® 



(NH3) = 2,6 X 10“ = 260 M (impossible) 

This value of 260 M is obtained on the assumption that the 
Law of Mass Action holds in very concentrated solutions. Evi- 
dentl>', the Agl will not completely dissolve, since it is not possible 
to ol)tain at room temperature a solution of ammonia in water of 
higla^r concentration than about 18 4/. 

I he method used in (b) could also have been applied in Example 1 . 

Example 4- 

A given solution contains .01 mole of CU ion and .07 mole of 
XH3 per liter. If .01 mole of solid AgXO.3 is added to 1 liter of 
this solution will AgCl precipitate? The solution of this problem 
involves two equilibria, 

AgCl(«) = Ag^ + Cl~ 

^nd Ag(XH3)2-^ = Ag+ 4- 2 XH 3 

The etiuilibrium expressions are 


(Ag-)(CI-) = 2.8 X 10-'® 


(Ag^)(XII:0^ 

(Ag(XH3j._.-") 


G X 10-^ 


and 
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Due to the great stability of the complex ion we shall first assume 
that .01 mole of this ion is formed from .01 mole of Ag+ ion. This 
process would consume .02 mole of NH3; then .05 mole of NH3 
would be left in solution. Under these conditions, we can calculate 
the concentration of the free Ag"*" ion in solution. 


(Ag+)(.05)^ 

.01 

(Ag+) 


6 X 10-® 


6 X 10-8 X .01 
2.5 X 10-8 


= 2.4 X 10-’ mole per liter 


Since .01 mole of Cl" ion is present per liter of solution, the product 
of the ion concentrations is (2.4 X 10-^)(.01) or 2,4 X 10”®. This 
value is greater than the solubility product constant; therefore, 
AgCl precipitates. 

This problem could be solved in another manner. Let us calculate 
the amount of Ag"*" ion necessary to start the precipitation of AgCl 
when .01 M Cl- ion is present. This would be 


(Ag+) = 


2.8 X 10-*^ 


.01 


- = 2.8 X 10-8 M 


With this amount of free Ag"*" ion in solution and making the assump- 
tion that .01 mole of Ag(NH3)2''' is formed, we can then calculate 
the amount of free NH3 which would be required to maintain these 
conditions. Then 

(2.8 X 10-8) (NHa)^ ^ g ^ 


(NHa)^ = 


6 X 10-8 X .01 


2.8 X 10 


-8 


= 2.1 X 10-2 


(NH3) = 1.4 X 10-> = 0.14 M. 

This value for the amount of free ammonia necessary to maintain 
.01 mole of the complex in solution is much larger than the available 
ammonia; therefore, AgCl precipitates. 


Questions and Problems 

1, Is there any definite experimental evidence for the existence of 
the hydronium ion? 

2, Compare the properties of water and ammonia. What is the 
water analogue of the ammonium ion? 

3, What is the ammonia analogue of the hj^'droxide ion? 
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4 . What are hydrates and ammonates? 

5 . How does the electronic structure of ions which form complex 
ions differ from those which do not? 

6 . On the basis of the coordination theory of Werner, give the 
structures (not electronic) of the respective complex ions formed 
when the following salts are dissolved in water: C0CI3 * 4XH3, 

CoCl3-6NH3, Cu(N 03)2-4NH3, K3Fe(CN)6, and PtCU-oNHa- 

7 . Give examples of four complex anions. 

8. What is a homoatomic anion? Give two examples. 

9 . Why does ammonium polysulfide dissolve SnS readily while 
ammonium sulfide will not? 

10 . What experiments could be designed to show that the ammonia 
molecule and not the NH4+ nor the OH- ions is responsible 
for the solution of silver oxide by excess ammonium hvdroxide? 

11 . If 0.1 mole AgNO.!, 0.1 mole NaCl, and 0.2 mole NH3 were 
added to 1 liter of water, show by calculation whether AgCI 
would precipitate. 

12 . If it were possible to prepare solid Ag(NH3)2Cl and if 0.1 mole 

of this were added to 1 liter of water, would AgCl precipitate? 
Explain. 

13 . What is the Zn++ concentration in a solution that has been 
made by adding 0.1 mole ZnCb and 1 mole of NH3 to enough 
water to give 1 liter of solution? 

14 . Which gives the greater concentration of Ag+; a solution made 

by adding i mole AgNOa and 2 moles KCN to 1 liter of water 

or a solution made by adding 0.1 mole AgNOa and 1 mole NH3? 

(Note: In the first solution neglect hydrolysis of CX- ion. In 

the .second solution 0.2 mole XH3 is used in making Ag(XH3).>'''. 

Assume the Law of IMass Action for these more concentrated 
solutions.) 

15 . Will 0.1 g. AgBr dissolve in 100 ml. of 1 M XH4OH solution? 

16 . Will 0.1 g. Agl dissolve in 100 ml. of 1 M XH4OH solution? 

17 . How much ammonia (expressed in grams) is necessary to dis- 
solve 1 g. AgCl in 100 ml. of water? 


18 . Calculate the concentration of Ag+ 
.05 Af with respect to Ag(XH3)2X03. 


ion in a solution which 




Calculate the Cu+ ion concentration in a solution which contains 
.02 mole K3Cu(CX)4 per liter. 


20 . What is the C'X ion concentration in a solution 0 1 AI with 

respect to K2Cd(CX)4? 
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21. What is the concentration of NH3 in a solution which contains 
.04 mole Ag(NH3)2N03 per liter? 

22. (a) Which solution furnishes the higher concentration of Cd"^ 
ion, a 0.1 M solution of Cd(NH3)4Cl2 or a 0.1 M solution of 
K2Cd(CN)4? 

(b) Give the ratio of the Cd"^"*" ion concentrations in these two 
solutions. 

23. If to a liter of a solution, which is .06 M mth respect to 
K3 Cu(CN )4 and .06 M with respect to K2Cd(CN)4, CN“ ion is 
added to increase its concentration to .005 M, what will be the 
concentration of (a) the Cu+ ion, and (b) the Cd-*^ ion? 

24. One liter of a solution contains 0.1 mole of Cl“ ion and 0.1 mole 
of CN“ ion. To this solution solid silver nitrate is added little 
by little. 

(a) What happens? 

(b) How many moles of AgNOs must be added before a pre- 
cipitate begins to appear? 

(c) When a precipitate first appears, what will be the concen- 
tration of the Cl“ ion, of the CN" ion, and of the Ag+ ion? 
(Note: AgCN does not precipitate in this solution.) 

25. Give the electronic structure for the CdCh ion, as was done 
for the Zn(NH3)4''''*' ion in Figure 11.6. 

26. (a) Give the electronic orbital structures for Fe(CN)6 and 

Fe(CN)6 ions as given for Co(NH3)6'^'^ ion in Figure 11.10. 

(These ions have octahedral structures.) 

(b) How many unpaired electrons are there in each of these 
ions? 
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Amphoteric Substances 


The metals of the alkali and alkaline earth groups of the 
periodic table are often classified as highly electropositive 
elements. They exhibit a pronounced tendency to lose elec- 
trons and thereby form positive ions. Sodium in its reactions 
with other elements loses one electron readily to give sodium 
ion, Na"*", while calcium of the alkaline earth group loses two 
electrons with the formation of a positive calcium ion, Ca"^. 
These elements are among the first few of the electromotive 
force (E.M.F.) series of the elements, since this series is one in 
which the elements are arranged according to the decreasing 
tendency to lose electrons and form positive ions. In contrast 
to the alkali metals, sulfur and chlorine of the sixth and seventh 
groups respectively show a decided tendency to acquire elec- 
trons in their reactions with other elements and thereby form 
negative ions. The latter elements are accordingly termed elec- 
tronegative; e.g., chlorine can acquire one electron and sulfur 
two electrons to give ions bearing one and two negative charges, 
respectively. 

Sodium and calcium on the one hand, and sulfur and chlo- 
rine on the other, represent extreme types in the classification 
of the elements according to their tendencies to lose or gain 
electrons. A large proportion of the elements of the periodic 
table show dual properties which are characteristic of both 
sodium and chlorine. They may react with some elements to 
lose electrons and with other elements to gain them. Hydrogen 
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under favorable conditions reacts with chlorine to form hydro- 
gen chloride. In this reaction we regard the hydrogen atom 
as partially giving up an electron to the chlorine atom, and we 
may regard the hydrogen chloride molecule as one containing 
hydrogen in the more electropositive condition and chlorine 
in the more electronegative condition. Likewise, hydrogen 
reacts directly with lithium to form lithixim hydride, LiH. 
This substance is an excellent conductor of electricity in the 
fused state in which it must be ionized as positive hthium 
ions and negative hydrogen or hydride ions, H”, since upon 
electrolysis hydrogen is liberated at the anode. In this reac- 
tion the hydrogen atom acquires an extra electron to form a 
negative hydrogen ion. Apparently the hydrogen atom has a 
greater tendency to acquire an electron and a smaller tendency 
to lose an electron than has the lithium atom. So far as 
chemical evidence goes, the lithium atom shows no tendency 
to form negative ions. Thus, hydrogen may behave in a dual 
manner, it may gain or lose electrons depending upon its en- 
vironment. If it is in the presence of a strongly electro- 
negative element such as chlorine it will behave electro- 
positively, while in the presence of a strongly electropositive 
element, for example lithium, it will behave electronegatively. 
Such elements lie in an intermediate position in the E.M.F. 
series and are sometimes spoken of as amphoteric elements, 
a designation which implies this dual character. 

Many other elements show amphoteric properties in their 
reactions. Thus, sulfur, selenium, and tellurium of the sixth 
group of the periodic table react with chlorine and oxygen to 
form chlorides and oxides. They likewise react with sodium, 
potassium, and other electropositive elements to form sulfides, 
selenides, and tellurides which are salts. Examples of such 
compounds are: Na^S, Na^Se, Na2Te, KoS, KiSe, and K^Te. 
Phosphorus, arsenic, antimony, and bismuth of the fifth group 
of the periodic table behave in a similar manner, while germa- 
nium, tin, and lead may be mentioned as t3^pical examples of 
the fourth-group elements. Even elements in the second and 
third groups such as zinc, cadmium, mercury, gallium, indium, 
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and thallium will combine with sodium and other strongly 
electropositive elements to form definite compounds. This 
dual behavior is the general case rather than the exceptional 
one. 

Amphoteric Hydroxides, Alany of the elements which 
show this dual behavior in the ability to acquire and to lose 
electrons in their reactions show another, but somewhat dif- 
ferent, t3’pe of duality in the reactions of their h^'-droxides. 
It is well known that the oxides of strongly electropositive 
elements such as Na* 0 , K^O, CaO, and MgO form strong bases 
in water solution, NaOH, KOH, Ca(OH)2, and AIg(OH)2, 
respectively. However, oxides of strongly electronegative 
elements such as SO3, N-iOs, and CI2O7 in water solution are de- 
cidedly acidic in character; they are the anh^^drides of the 
acids, H2SO4, HNO3, and HCIO4, respectively. 

Oxides of most of the elements which lie in an intermediate 
position in the E.M.F. series of elements, which are neither 
strongly electropositive nor strongly electronegative, show 
both acidic and basic properties in water. As would be pre- 
dicted, such acids and bases are extremely weak. Thus lead 
oxide, PbO; aluminum oxide, AI2O3; chromic oxide, Cr203; 
zinc oxide, ZnO; stannous oxide, SnO; and antimonous oxide, 
SbsOa, are the anhydrides of the very weak hydroxides, 
Ph(OH)2, A1(0H)3, Cr(OH)3, Zn(OH)2, Sn(OH)2, and Sb(OH)3, 
respectively, which hydroxides may also be regarded as very 
weak acids. To emphasize the acidic properties of these hy- 
droxides their formulae could be written H.PbOs, H3AIO3 (or 
HAIO2 + H2O), HaCrOs (or HCrO. + H.O), HsZnO., H^SnO^, 
and H3Sb03 (or HSb 02 + H.O). In the cases of H3AIO3, 
H3Cr03, and HaSbOs only one hydrogen is replaceable in water 
solution, the simpler and more informative formulae HAIO2, 
HCrO_>, and HSbO-i, respectively, are usually used. In each 
of these cases the same substance may be represented by two 
differently arranged formulae; by convention, one emphasizes 
the basic properties and the other, the acidic properties. 

are very slightly soluble in water 
but dissolve readily when either a strong acid such as hydro- 
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chloric acid or a strong base such as sodium hydroxide is 
present. Taking AI(0H)3 as an example, we may write, 

A1(0H)3 + 3HCI (in solution) = AlChCin solution) + 3 H 2 O (1) 
and 

Al(OH) 3 -|-NaOH (in solution) =NaA102 (in solution) + 2 H 2 O (2) 

Both of these reactions appear familiar in that the products 
in each case are a salt and the solvent, water; in other words, 
they are neutralization reactions. Since both HCl, an acid, 
and NaOH, a base, are used, it must necessarily follow that 
the aluminum hydroxide is functioning in equation (1) as a 
base and in equation (2) as an acid. Hydroxides which show 
properties characteristic of both acids and bases are known as 
amphoteric hydroxides. 

The ionization of aluminum hydroxide when acting both 
as a weak acid and a weak base is expressed in the following 
equation: 

A1+++ + 30H- = I } = AlOr + H+ + H,0 (3) 

(solid) 

For lack of definite information regarding the ionization of 
aluminum h 3 ^droxide as a base we have expressed the reaction 
as one producing 30H“ ions. It is a weak polyacid base and 
undoubtedly would not be expected to ionize highly even in 
the first stage, let alone in the two successive stages. How- 
ever, at present it is not experimentally feasible to determine 
the exact extent of ionization of aluminum hydroxide for each 
of the three steps. Equation (3) also shows the aluminate 
ion, A 102 “, a product of the ionization of aluminum hydroxide 
as an acid. 

We may now predict, with the aid of Le Chatelier's Rule, 
the effect of strong acids and of strong bases upon the equi- 
librium. If a strong acid, such as h^'drochloric acid, is added 
to a suspension of aluminum hydroxide in water, the hydro- 
gen ions which are in excess combine with some of the h^-droxide 
ions to form water. According to the Rule of Le Chatelier, 
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we would predict a shift in the equilibrium to the left. The 
tendency is for the equilibrium to shift in such a way as to 
attempt to retrieve the loss of hydroxide ions. This can be 
done only b}' the further dissociation of aluminum hydroxide 
from the solid phase. As fast as hydroxide ions are produced 
by this process, they are removed by hydrogen ions. Finally, 
all the solid dissolves and the concentration of the hvdroxide 
ions in solution still remains at a verv small value due to the 
continued removal of the livdroxide bv hvdrogen ions. Al- 
though the hydroxide ions are depleted as fast as they are pro- 
duced by the ionization of the aluminum hydroxide, the latter 
reaction also 3aelds large amounts of aluminum ions which 
remain as such in solution. Therefore, when h\^drochloric 
acid is used as a source of hydrogen ions, the final result is 
that the solid aluminum hvdroxide dissolves and the solution 
contains aluminum and chloride ions. Hydrogen and hydrox- 
ide ions will also be present in concentrations which must 
satisfy the water equiliVihum, (H+)(OH“) = 1 x 10 '^^. 

The addition of a strong base such as sodium hydroxide fur- 
nishes a large concentration of hydroxide ions. According to 
Le Chatelier’s Rule the equilibrium should shift in such a 
direction as to use up hydroxide ions; that is, it should shift 
to the right as equation ( 3 ) is written. Naturally, hydrogen 
ions will be removed from the reaction medium by their com- 
bination with hydroxide ions to form water. When this hap- 
pens more aluminum hydroxide will dissolve to give hydrogen 
ions and aluminate ions in an attempt to retrieve the loss of 
hydrogen ions. The hvdrogen ions are removed as fast as 
they are produced and finally, when all of the solid aluminum 
hydroxide has dissolved, sodium ions and aluminate ions will 
be left in solution in large quantities, and the hydrogen ion 

ion concentrations will be in aecord with that 
demanded by the water equilibrium. 

.\luminum hydroxide ha.s been taken here as a typical 
example of an amphoteric hydroxide. Other.s previously men- 
tioned, Pb(OH)2, Cr(OH)3, Zn(OH)2, Sn(OHj.,, and Sb(OH)3 
behave similarly in that they dissolve and function as bases 
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in the presence of a strong acid, and also dissolve and function 
as acids in the presence of a strong base. The latter reaction 
is the more unfamiliar one and in the presence of sodium 
hydroxide the following ions are produced: HPb02“, Cr02“, 
Zn02 , HSn02”, and Sb02“, namely, biplumbite, chromite, 
zincate, bistannite, and antimonite ions. 

As was previously stated the amphoteric hydroxides are 
derived from elements occupying an intermediate position in 
the E.M.F. series. They must necessarily occupy a similar 
intermediate position in a given series of the periodic table 
since the elements of the main groups to the left are strongly 
electropositive, while those of the main groups to the right 
are strongly electronegative. Those elements which show 
both properties lie in between these two extremes. As one 
passes from one extreme position of the table to the other, the 
change in properties is not an abrupt one; on the contrary, 
it is very gradual. As an example, let us choose the series of 
the table beginning with the inert gas argon, atomic number 
18 (see back cover); the next element, potassium, forms a 
very strong base, potassium hydroxide. Under ordinary con- 
ditions of temperature it acts only as a base in water solution. 
Calcium hydroxide, representative of the second group, like- 
wise possesses only basic properties in water. Scandium 
hydroxide is also a strong base, but titanium hydroxide, 
vanadium hydroxide, and chromium hydroxide, hydroxides 
of the fourth, fifth, and sixth groups, respectively, in the 
series under consideration, show amphoteric properties in that 
they form titanates, vanadites, and chromites with strong 
bases. Vanadates and chromates are also known, being de- 
rived from the higher valence hydroxides, which, however, are 
distinctly more acidic than basic in nature. In the seventh 
group manganous hydroxide, ]\In(OH)2, is a moderately strong 
base and possesses very little acid properties; while H2i\In04, 
manganic acid, is a weak acid and Hi\In04, permanganic acid, 
is a very strong acid. In general, the higher the valence of the 
metal in any two or more similarl3'^ derived acids the more 
acidic properties it will display. Thus, stannic acid is a stronger 
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acid than stannous acid, arsenic is stronger than arsenous, 
chromic stronger than chromous, etc. Ferric, ferrous, co- 
baltous, nickelous, and cuprous hydroxides are distinctly basic 
in aqueous solutions and acid properties are almost entirely 
lacking. The next element of the series, zinc, atomic num- 
ber 30 , forms a hydroxide, Zn(OH)2, which is well known for 
its amphoteric properties. Following zinc hydroxide are 
Ga(OH)3, Ge(OH)4, and AsO(OH)3, all of which dissolve in 
sodium hydroxide solution to produce gallate, germanate, 
and arsenate ions. H>Se04, selenic acid, and HBrOs, bromic 
acid, are decidedly acidic in water. Thus, in this series of 
eighteen elements, many of their hydroxides are amphoteric. 

Within a given group, occupying an intermediate position 
in the periodic table, the amphoteric properties change as 
one proceeds from the element of lower to one of higher atomic 
weight. Tims HNO- shows only acid properties; H3PO3 like- 
wise is acidic; HaAsOs or As(OH)3 and H3S1)03 or Sb(OH)3 
are amphoteric, while Bi(OH)3 is basic in its reactions. Thus, 
in passing from nitrogen to bismuth in the main fifth group, 
the hydroxides change from strong acids to weak acids and 
moderately strong bases, but the change is a gradual one. 

Amphoteric Sulfides. Sulfur occupies a position in the 
sixth group of the periodic table just below oxygen. Hence, 
many of the compounds of sulfur contain the sulfur atom in a 
position similar to that occupied by oxygen in the more familiar 
oxygen compounds. In qualitative analysis we are particularly 
interested in the amphoteric nature of analogous sulfides and 
oxides. Since hydrogen sulfide is the analogue of water, the 
bisulfide ion of the hydrogen sulfide system corresponds to the 
hydroxide ion of the water system, as the following equations 
readily demonstrate: 


HoO - H+ + OH- 



H,S = H+ + SH- 



Likewise, the metal sulfides are analogues of the metal oxides; 
KjS, CaS, As'iSs, and Sb- 2&3 in the hydrogen sulfide svstem 
correspond to K.O, CaO, A.s, 0 ,, and Sb^Oa, respectively, in 
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the water or oxygen system. On the basis of these analogies, 
one might expect sulfides to dissolve in the presence of bisul- 
fide ions in the same way that oxides or hydroxides, in an 
aqueous medium, dissolve in the presence of hydroxide ions. 
When the sulfides behave in this manner, they are exhibiting 
acid properties. A few examples will serve to illustrate this 
type of reaction. 



AssSs + 6 HS- = 2ASS4— + 3H2S 

( 6 ) 

or 

AS2S5 + 2 HS- = 2ASS3- + H2S 

( 7 ) 


Sb 2 S 5 + 6 HS- = 2 SbS 4 — + 3H2S 

( 8 ) 


Actually the H2S produced in the above equations reacts 
with the OH” ions to produce HS” ions and water. There- 
fore the equation for the process of the solution of AS2S6 by 
HS“ ions in alkaline solution is 

AS2S6 " 1 “ 3 HS” + 30 H = 2ASS4 -f- 3H2O ( 9 ) 

rather than that given by equation ( 6 ). The same would be 
true for the reactions represented by equations ( 7 ) and ( 8 ). 

Another explanation may be given for the fact that arsenic 
and antimony sulfides dissolve in alkaline sulfide solution. In 
such a solution, the concentration of the sulfide ion is certainly 
appreciable and much larger than the concentration of the 
oxide ion, O , in solutions containing alkali hydroxides, since 
the bisulfide ion is dissociated to a much greater extent to 
give hydrogen and sulfide ions than is the hydroxide ion to give 
hydrogen and oxide ions. As a matter of fact, it has not been 
possible through experiment to determine the concentration 
of the oxide ion. Due to the presence of sulfide ions in alkaline 
sulfide solutions, it is possible, however, to explain the solu- 
bility of arsenic and antimony sulfides as follows: 


AszSb + 3S”- = 2AsS4 (10) 

AS 2 S 3 + 3S-- = 2AsS3 (11) 

AS 2 S 5 + S— = 2AsS3“ (12) 

SboSs + 3 S-- = 2 SbS 4 -— ( 13 ) 
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Antimony and tin in the lower \'a!ence states are mueli 
more strongly basic or more weakly acidic than in the higher 
valence states. Accordingly, antimonous sulfide dissoh-es 
with difficulty in ammonium sulfide solution anti stannous 
sulfide is practically insoluble in this medium. However, 
antimonic and stannic sulfides arc readily .soluble in this same 
solvent. 

Just as oxygen can oxidize a lower ^•alence oxide to a higher 
valence one, so sulfur can oxidize a lower to a higher valence 
sulfide. .Ammonium polysulfide is ammonium sulfide contain- 
ing di.ssolved sulfur (chemically combined with the sulfide 
ion). When the lower sulfides are treated with ammonium 
polysulfide they are oxidized to the higher valence state in 
which they are readily ,solul)le. This process of solution has 
already been discus.sed in the previous chapter, as an illus- 
tration of complex ion formation. The process of solution of 
the amphoteric sulfides may be explained on the basis of the 
amphoteric properties of the sulfides and on the basis of sulfur 
in sulfide solution acting as an oxidizing agent. 

Application of Amphoteric Substances to Analysis. 
Suppo.se we consider a solution which has been obtained as a 
hydrochloric acid extraction of an ore known to contain iron, 
zinc, and aluminum. We wish to .separate these elements 
from each other in solution by methods which will reduce the 
difficulties to a minimum. The solution contains all three 
elements in the form of their chlorides and is slightly acidic. 
Ue might first add sodium hydroxide to the solution to the 
point of neutralization and obtain a precipitate containing all 
three substances in the form of hydroxides, Fe(OH);,, .\l(OH) 3 , 
and Zn(OH)... Knowing that both zinc and aluminum hy- 
droxides are decidedly amphoteric in nature, let us continue 
the addition of the sodium hydroxide .solution. Both .\1(0H)3 
and Zn(()H)., dissolve immediately with the formation of 
aluminate and zincate ions, respectively; however, ferric 
hydroxide is not amphoteric and does not dissolve in the pres- 
ence of excess hydroxide ion. .\ccordingly, the ferric hy- 
droxide can be .separated at this point by filtration. Ammo- 
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Ilium hydroxide would not behave in the same way as the 
sodium hydroxide since the former does not furnish sufficient 
hydroxide ions to dissolve aluminum hydroxide. 

If it should appear desirable to separate the aluminum from 
the zinc, the filtrate could be treated with hydrochloric acid 
until the zinc and aluminum hydroxides dissolve, and to this 
solution could be added excess ammonium hydroxide. Under 
these conditions the aluminum hydroxide would precipitate 
and the zinc would stay in solution in the form of the zinc- 
ammonia ion, Zn(NH 3 ) 4 '^. 

Thus, through the application of the amphoteric proper- 
ties of the aluminum and zinc hydroxides and the subsequent 
use of the ability of the zinc ion to form complex ions, it is 
possible to readily separate these three elements from each 
other. The hydroxides, Fe(OH) 3 , Al(OH) 3 , and Cr(OH )3 may 
also be separated from each other by the same general pro- 
cedure; A1(0H)3 and Cr(OH )3 are amphoteric while Fe(OH )3 
is not. Chromium and aluminum may be subsequently sepa- 
rated from each other by the oxidation of the chromite ion, 
Cr02", to the chromate ion, CrO^ . Chromium ion combin- 
ing with other elements displays two principal valences of 
-h 3 and -h 6, while aluminum has only the one valence of + 3. 
Other examples to illustrate the behavior of amphoteric hy- 
droxides and sulfides in the separation and identification of 
ions are too numerous to mention here. However, several 
illustrations will be given in Part II of this text relating to 
the separation of the analytical groups and the properties of 
individual ions. 


Amphoteric Hydroxides as Coordinated Complexes. 
To illustrate the application of the Brpnsted definitions to 
problems involving amphoteric h^'droxides, let us choose alu- 
minum hydroxide as the example for consideration. 

Many hydroxides do not have a constant and definite com- 


position. Nevertheless we use definite formulae to designate 
them. In our previous discussions, for the sake of conven- 
ience we designated aluminum hydroxide by the formula 
A1(0H)3. According to this formula this substance should 
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consist of 34.58 percent aluminum, 61.55 percent oxygen, and 
3.87 percent hydrogen. Under most circumstances an analysis 
of aluminum hydroxide would not give these percentages but 
other rather widely different values. The reason for this dis- 
crepancy is that aluminum hydroxide when freshly precipitated 
contains additional water not indicated in the formula, 

A1(0H)3. This additional water mav be chemicallv bound to 

* « 

the aluminum atom or it may merely be adsorbed. When 
the aluminum hydroxide is dried it loses water, and upon 
continued drying the loss of water does not stop when the 
composition corresponds to tlie formula AhOH)^, but ratlier 
when its composition is such as to correspond more nearly to 
the formula AIO(OH) or Al, 03 -H, 0 . Upon excessive drying 
(by heating) all the water is lost and only the oxide Aldb 
remains. The formula for aluminum hydroxide is therefore 


often written as Al20.rAH20. But for convenience, most 
chemists have adopted the formula Al(OH )3 for tliis .substance. 

p ^ tlic cli ol\ k <is of the aluminum ion by the Bron- 

sted definitions we may write its formula as A1(H,0)6^ 
assuming a coordination numl)er of six for the aluminum ion. 
In keeping with this same concept we can also write an analo- 


gous formula for aluminum hydroxide in the hydrated form, 
again using the coordination number of six. Its formula wouki 
then be Al(HjO) 3 (OH) 3 . Using this formula let us explain the 
amphoteric nature of aluminum hydroxide as we have done 
vith the older definitions. As an amphoteric hydroxide this 
substance is both a proton donor and a proton acceptor. When 
<hssolved in water it may be regarded as accepting protons 
from and donating them to water molecules. 


Ra.s<-’ 

\l(Hd))3(()H)3,., + HA) 

3H,0 -f- A1(H30 )o+++ 


. Acids 

Al(HA3)..(OH)r + H 3 O+ 


(14) 




Acidi 


= 3 H 3 O+ + A1(H,0)3(0H)3,„ (1.5) 


Acid. 


lillSCi 


In the first eciuilibrium (14) aluminum hvdroxide is repre- 
sented as a weak acid, i.e., as a proton donor. In ecpiation 
(lo) reading right to left, it is repre.sented as a proton ac- 
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ceptor or as a base. This latter process could be expressed in 
three stages, i.e., aluminum hydroxide is a tri-acid base, but 
for convenience we have combined all three steps in this single 
equation. Both reactions (14) and (15) are acid-base reac- 
tions. If aluminum hydroxide is treated with a strong acid 
the equilibrium (15) is shifted to the left; the solid is dis- 
solved and the aluminum ion, A1(H20)6‘*‘'*''*" is formed. If a 
sodium hydroxide solution is added to a suspension of alumi- 
num hydroxide, the OH“ ion of the solution combines with 
the H3O+ ion, shifting the equilibrium reaction (14) to the 
right, and aluminate ion Al(H20)2(OH)4~ is formed. The 
over-all reaction for this latter process is 

A1(H20)3(0H)3(.> + OH- = A1(H,0)2(0H)4- + H2O (16) 

The amphoteric nature of zinc hydroxide can be explained 
in an analogous way. In this case the formula of zinc hy- 
droxide can be vTitten as Zn(H20)2(0H)2; the coordination 
number of zinc is assumed to be four. Then the equilibrium 
reactions representing the amphoteric nature of zinc hydrox- 
ide are 

Acidi Base: Basei Acid: 

Zn(H20)2(OH)2<„ + 2H2O = Zn(OH)4— + 2H3O+ (17) 
Zn(H20)4++ + 2H2O = 2H3O+ + Zn(H20)2(0H)2(,) (18) 

Acidi Base: Acid: Basei 

In acid solution the equilibrium of the lower equation is 
shifted to the left; Zn(H20)2(0H)2(s> dissolves and Zn(H20)4’*"'^ 
is formed. In alkaline solution the OH" ion combines with the 
ion and the equilibrium of reaction (17) is shifted to the 
right. The over-all reaction for the dissolving of solid zinc 
h^'droxide by a solution of sodium hydroxide is then 

Zn(H20)2(0H)2(.) + 20H- = Zn(OH)4— + 2H2O (19) 

All amphoteric hydroxides ma3' be treated in the same way. 
In each case the accepted coordination number of the metal 

ion should be used. 

The structural form of zinc h^'droxide in solution is similar 
to that given for zinc ammonia complex (see Fig. 11.6) except 
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that two of the NH 3 groups are replaced by OH“ ions and two 
water molecules. Structurally^ equation (19) may be 
represented by the equation 


H 

H:0: H 



:d:Zn:0:-h2:0:H = H:0:Zn:6: H + 2H:'6: H 

H:0: H '* * :b: ' 

« • * • 

H H 



In this reaction each of the two water molecules in the com- 
plex may be thought of as losing a hydrogen ion, which com- 
bines with the OH” ion to produce water. As a result 
Zn(OH) 4 ]| complex ion is formed. The latter ion is essen- 
tially hydrated ziiicate ion. 


Examples of Problems Involving Amphoteric Substances 

Example 1. 

How many moles of XaOH must l^e added to 1 liter of water to 
dissolve completely .001 mole of zinc hydroxide? 

Tlie reaction is expressed by the equation 


Zn(OH)2(.) -h 2()H- = ZnO.-” + 2H,0 

Zinc hydroxide is a weak acid and ionizes to give H+ and ZnOo — 
ions. 

Zn(On)->(,) = ZnO,-- -h 2H+ 

The ociuilibrium expression for the ionization of Zn(Ori)2 as an 
acid is 


(Znar-){U-^)- = 1 X 10-29 


If .001 mole of Zn(OII).. dissolves, then .001 mole of ZnO.> — ion 

will he pi'oduec'd. 

(ZnO.>--)(II+)2 = (.001)(H+)2 = 1 X 10-2» 

(11+)- = 1 X 10-=® 

(11+) = 1 X 10“'^ mole per liter 


From the water epuilihrium (OH-) may be caleidated. 


- ' uir 


1 X lO-'^ 

T^X 10“’'’ = 9.1 mole per liter 
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This value for (0H-) is the amount in solution at equilibrium 
after the .001 mole of Zn(OH )2 has dissolved. But to dissolve the 
Zn(OH )2 an additional amount (.002 mole) of OH- ion was re- 
quired. Therefore the total amount of OH- ion needed to dis- 
solve .001 mole of Zn(OH )2 and to maintain it in solution as Zn02 
ion is 0.1 -f- .002 or 0.102 mole. 

(The constant used in this calculation is not accurate enough 
nor is the Law of Mass Action sufficiently valid to warrant taking 
into account the amount of OH- ion consumed in the reaction. 
Therefore the answer 0.1 mole, instead of 0.102 mole, is more ap- 
ptropriate.) 


Example 2. 

A solution is .05 M with respect to OH- ion and is in equilibrium 
with solid Pb(OH) 2 . What is the concentration of (a) the Pb++ 
ion, (b) the HPb02- ion, and (c) the H+ ion in the solution? (Dis- 
regard the second step of ionization of Pb(OH )2 as an acid.) 

In this solution the following equilibria are present. 

Pb(OH)2(., = Pb++ -1- 20H- (1) 

Pb(OH)2(., = HPb02- + H+ (2) 


Since (OH-) has a value of .05 M and the value for the solubility 
product constant for Pb(OH )2 is 4 X 10-*^ we have from equation (1) 

(Pb++)(OH-)“ = (Pb++)(.05)2 = 4 X 10-‘‘ 


Therefore 


(Pb++) = 


4 X 10-‘® 
2.5 X 10-’ 


= 1.6 X 10-'2 M 


From equation (2) we may write 


(HPb02-)(H+) = 2 X 10 


—16 


Since the value for (OH-) is .05 M, (H+) must be 


1 X 10-'< 1 X 10-'^ 


(OH-) 5 X 10-2 


^ = 2 X 10-*2 M 


Then 


—16 


(HPb02-)(2 X 10-‘2) = 2 X 10 

2 X 10-'« 


(HPbO.-) = : 


2 X 10-'2 


= 1 X 10-2 M 
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Example 3. 

How many moles of Cr(0H)3 will dissolve in 1 liter of 0.2 M 
NaOH solution? The equation for the reaction is 

Cr(OH)3(., + OH- = CrOs- + 2H2O 

According to this equation the number of moles of Cr(OH)3 which 

dissolves will be equivalent to the number of moles of Cr02- ion 
in solution. 

As an acid Cr(OH)3 ionizes as follows: 

Cr(OII),(,, = CrO-r + + II2O 

The ionization constant has a value of 1 X therefore 

(CrOo-)(I-I+) = 1 X 10-*^ 

Since (011“) has a value of 0.2 M, (11+) is or 5 x 10’'^ .1/. 

Then 

(CrOr)(o X 10-’^) = 1 X 10-‘® 

1 X 10“’® 

(C.'rOs") = 5^10-14 ~ 2 X 10“^ mole per liter 

therefore .002 mole of Cr(OH)3 dissolves in 1 liter of 0.2 M XaOH 
solution. 


1 . 


2 . 


3. 


4. 


5. 


6 . 


Questions and Problems 

AVhat are the anhydrides of the following substances: (a) HXO3, 
(h) Ca(()H)2, (c) XaOH, (d) H2SO4, (e) Mg(OI-I)2, and (f) HClO.i? 
VAve the formulae of the hydroxides of which the following are 
the anhydrides: ZnC), Cr.O^, PbO, Al.Os, and Sb,0.3. 

Rearrange the formulae of the hydroxides given in question 2 
in such a ^^ay as to emphasize their acidic properties. 

\\ rite the ecpiations tor the ecpiilibrium involved when aluminum 
hydroxide acts both as an acid and as a base. 

How may the etiuilibrium in problem (4) be shifted so as to 

produce (a) a large concentration of AR++ ions, (b) a large 
concentration of AKb- ions? ’ ^ 

Are the elements m the first main group of the periodic system 

more electronegative than those of the fourth group or vice 
versa? 
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7. In the series of 18 elements of the periodic table beginning with 
argon, name those the hydroxides of which are not amphoteric. 

8. Which hydroxide acts as a stronger acid, Sn(OH )2 or Sn(OH) 4 ? 

9. Predict which hydroxide would act as the stronger acid, Ge(OH )2 
or Ge(OH) 4 . Explain the basis of your prediction. 

10 . Write the formula for the sulfur analogue of each one of the 
following oxygen compounds: (a) H 2 O, (b) SnO, (c) K 2 O, 
(d) CO 2 , (e) OH-. 

11 . Give equations for the reactions involved when AS 2 O 6 is dis- 
solved by a solution containing OH" and when AS 2 S 6 is dissolved 
by a solution containing HS" ions. 

12. Why will SnS dissolve readily in ammonium polysulfide while 
in ammonium sulfide it is soluble only to a very small extent? 

13. Making use of the amphoterism of Zn(OH )2 and Al(OH )3 
and the complex-forming properties of Zn"*^ show how Zn(OH) 2 , 
A1(0H)3, and Fe(OH )3 may be separated from each other. 

14. How many moles of NaOH must be added to 100 ml. of water 
to dissolve completelj" .001 mole of Zn(OH) 2 ? 

15. A saturated solution of Zn(OH )2 in water contains the follomng 

ions in equilibrium with each other: Zn"*"*", Zn02 — , H+, and OH". 
Calculate the concentration of each ion in such a solution. (Note: 
from the solubility product constant for Zn(OH )2 calculate 
(Zn++) and (OH"), then obtain (H"*") from the water equilibrium, 
and finally calculate (Zn 02 ) from the equilibrium for the 

ionization of Zn(OH )2 as an acid.) 

16. What is the concentration of the Zn+^ ion and of the ZnOa ion 
in a solution which is .01 molar with respect to OH" ion and 
which is in equilibrium with solid Zn(OH) 2 ? 

17. A solution is 0.1 molar with respect to OH" ion and is in equi- 
librium with solid Pb(OH) 2 . What is the concentration of (a) the 
Pb++ ion, (b) the HPb 02 “ ion, and (c) the H+ ion in this solution? 

18. Will .002 mole of Cr(OH)3 dissolve in 1 liter of 0.1 molar NaOH? 

19. Excess A1(0H)3 is added to 1 liter of a solution of NaOH. After 
equilibrium is reached .01 mole of Al(OH )3 is dissolved. What 
is the final concentration of the OH" ion? 

20. Write equations (17) and (18) in structural form, similar to 

equation (20). 

21. Calculate the concentrations of the Cu++, HCUO 2 ", and CUO 2 
ions in equilibrium \vith solid Cu(OH )2 and with a NaOH solu- 
tion for which the OH" ion concentration is 0.1 M. 




CHAPTER 

13 


Oxidation-Reduction Equilibria 


In Chapter 5 we considered oxidation and reduction only 
from the standpoint of balancing equations, and we learned 
that any equation can be balanced just as easily when reversed, 
i.e., from right to left as well as from left to right. Therefore, 
the fact that an equation can be balanced does not mean that 
it necessarily proceeds as indicated. This question can be 
determined only by experiment. Experiments to determine the 
course of a reaction are made in a variety of wavs. The com- 

V' V 

monest of these involves the use of electrical cells, but the 
detailed method by which such experiments are carried out is 
too involved for this course. It is possible to correlate all such 
equilibrium experiments in such a way that one hundred ex- 
periments will serve to determine the course of thousands of 
other reactions. In this chapter we shall see how this is done. 

Relative Strengths of Oxidizing and Reducing Agents, 
The metals are regarded as good reducing agents since they all 
exhibit a tendency to lose electrons and form positive ions. 
This tendency varies considerably from metal to metal. The 
alkali and alkaline earth metals show a great tendency to lose 
electrons while this tendency is much less pronounced in the 
case of the noble metals such as platinum and gold. The 
so-called electromotive series of the elements is an arrange- 
ment based upon the tendency of elements to lose electrons 
and is accordingly also an arrangement of the elements as re- 
ducing agents. The alkali and alkaline earth metals are found 
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at the beginning while platinum and gold are at the end of 

the series of metals. Hydrogen occupies an intermediate 
position. 

It is possible to determine the order of the metals in this 
series by displacement reactions, since the elements which 
show a great tendency to lose electrons and form positive ions 
will displace elements from solution which show this same 
tendency to a lesser degree. The following are a few familiar 
examples of displacement reactions: 


Ca + Zn++ = Zn + Ca++ (1) 

Zn + Fe++ = Fe + Zn++ (2) 

Fe + Sn++ = Sn + Fe++ (3) 

Sn + Cu++ = Cu + Sn++ (4) 

Cu + 2Ag+ = 2Ag + Cu++ (5) 


The order of the decreasing tendency' of these elements to 
lose electrons is Ca, Zn, Fe, Sn, Cu, and Ag, which is also the 
decreasing order of these elements as reducing agents. Since 
everj" reducing agent must react with an oxidizing agent in 
an oxidation-reduction reaction, the ions of these particular 
elements are therefore the oxidizing agents. The ion of the 
best reducing agent is itself the poorest oxidizing agent, for if 
a metal has a great tendency to lose electrons its ion must 
have a small tendency to acquire them. When both the metal 
and its ion are listed as an oxidation-reduction couple we 
obtain a table of oxidizing and reducing agents as follows: 



Ca 

Zn 

Fe 

Sn 

Cu 

Ag 


Ca++ 

Zn++ 

Fe^^ 

Sn++ 

Cu++ 

Ag+ 



Most of the non-metals have a pronounced tendency to 
gain electrons, that is, to behave as oxidizing agents. Those 
elements which show a greater tendency to acquire electrons 
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and form negative ions will displace elements from solution 
which show this same tendency to a lesser degree. For ex- 
ample, 

Ch + 2Br- = 2C1- + Br 2 (6) 

Bro + 21“ = 2Br“ + (7) 

I, + H.,S = 21“ + S + 2H+ (8) 

As far as the ability to gain electrons is concerned these sub- 
stances fall in the decreasing order of Cl>, Biv, F, and 8. Sul- 
fur is the weakest and chlorine the strongest oxidizing agent 
of this group. The ions of these elements may be regarded 
as reducing agents. On the basis of reactions which are known 
to take place l^etween these non-metals and the metals, both 
may be included in a single table. 


Table 20 


Oxidation-R EDia tiox Couples 



' Ca — 

— Ca++ 


Zn — 

Zn++ 

Vj 

c 

Fe — 

— 

bC 

8n — 

— Sn++ 

< 

tc 

H 2 S — 

— S + 2H+ 

c 

• 

Cu — 

— Cu'^+ 

w 

I- — 

— I 2 

<L> 

Ag ~ 

Ag+ 


Br- — 

— Br. 


Cl- 

— Cb 




on the right side of the table (oxidizing 
agent) will react with any substance on the left (reducing 
agent) provided that the reducing agent lies above the oxidiz- 
ing agent. For example, iodine will react with zinc to produce 
iodide ion and zinc ion in solution. 


L. -t- Zn = Zn++ -f 21“ (9) 

It has already been shown that oxidizing and reducing 
agents arc not limited to the elements alone. Many ions of 
the elements and groups of elements (radicals) may take the 
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part of reducing and oxidizing agents. Thus Mn 04 “ ion, in 
the presence of H"*" ion, will oxidize Fe"^"^, I“, Cl~ and Br~ 
ions; Cr 207 ion, in the presence of ion, will oxidize 
Br“, I” and many other ions; Sn"*^ ion will reduce NOs", 
CIO“, ASO 4 , Bi"*^"'", and other ions. 

Oxidation- Reduction Equilibria, Table 27, which is an 
extension of Table 26, includes all of the principal oxidizing 
and reducing agents commonly used in inorganic chemistry. 
By the use of this table, in conjunction with the tables which 
list the solubility" product constants of difficultly soluble sub- 
stances and the ionization constants for weak acids, it is possi- 
ble to predict the course of more than 10,000 reactions. Such 
predictions may be made on a quantitative as well as a qualita- 
tive basis. In other words, it is possible to calculate the 
equilibrium constants for all of these oxidation-reduction reac- 
tions. To obtain some idea of the significance of Table 27, 
the meaning of the symbols involved, and the manner in which 
it was constructed, it is necessar}" to consider some specific 
oxidation-reduction equilibria. 

Suppose, for example, that we consider the equilibrium be- 
tween Fe^"^ ion, Fe'*"'"'" ion, H+ ion and H 2 , which is represented 
by the equation 

2H+ + 2Fe++ = H 2 + 2Fe+++ (10) 

This oxidation-reduction reaction, as written in equation (10), 
involves an increase and decrease of two charges or two elec- 
trons. Dividing this equation by tyvo in order to obtain an 
oxidation-reduction change of only one charge or one electron, 
we have 

H+ + Fe-^+ = iH. -h Fe+++* (1 1) 

This equation represents an equilibrium which in every 
respect is like the equilibria discussed in previous chapters. 

* In equation (11) the coeflficient of Hj is When considering any equation 
from the standpoint of molecules and single ions we eliminate all fractional co- 
efficients. However, if the equation is interpreted in terms of moles it is quite 
permissible to use fractions. In this latter sense equation (11) is interpreted; 
one mole of hydrogen ion when reacting with one mole of ferrous ion produces 
one-half mole hydrogen gas and one mole ferric ion. 
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Likewise, the expression for the equilil)rium constant will 
contain the concentrations of the products of the reaction in 
the numerator and the concentrations of the reactants in the 


denominator. 


(H ,>)^(Fe++^) ^ 
(H^)(Fe++J 


10 - 13 . 1 * 



The value of the constant, 10”'^', has l>een determined 
experimentally l)y measuring the pressure of the hydrop;en 
gas (expressed in atmosplieres) and the concentrations of the 
Fe^"*", Fe'^^'*' and H"*" ions (in terms of moles per liter of solu- 
tion). In many oxidation-reduction reactions the equilibrium 
is displaced so far in one direction that the small concentra- 
tions of the reactants cannot he determined l)v ordinary 

^ % 

analytical methods. However, in many cases the voltage de- 
livered by an E.M.F. cell, consisting of the ions and molecules 
of an oxidation-reduction system in ecpiilibrium, can be meas- 
ured. This voltage depends upon the concentrations of the 


constituents of the oxidation-reciuction e(iuilil)rium and serves 
as a means of determining the e(iuili])rium constants for the 
reactions. Such cells are similar to the familiar Daniell cell. 
For our present purpose we shall omit any discussion of the 
analytical method of determining the concentrations of sub- 


stances involved in equilibria 
In equation (12) there are 
involved, namely, 


of this kind. 

two oxidation-reduction couples 
and Fe"^"*' Fe++*“. For 


convenience these couples are to l)e regarded as half-reactions, 
the CHiuilibrium expressions for which are 


(H+) ~ 


and 


(Fe~^ ++) 

(Fe"^-^) 


= K. 


(13) 


It is impossible to obtain absolute values for the equilibrium 
constants for tlie half-reactions since oxidation can proceed 
only when accompanied by a reduction reaction and vice versa. 

10 is a pun* (‘xponential numh(*r and is equal to X 10 '^ whicli 

in turn IS etiua! to , A)o X 10 I'or tlie present purpose it is verv much more 
eoiivement to use these fraetional exponents rather than mixed numbers For 
a »-om[)lete discussion of exponential immix-rs see the \i)pendix 
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In this particular case Fe"*^ ion can be converted to Fe"'"'^"'' 
ion only in the presence of an oxidizing agent which in equa- 
ion (11) is the H+ ion. The identical argument applies for the 
reduction process. However, if we could obtain relative 
values for the half-reactions it would then be possible to use 
combinations of these relative values to calculate equilibrium 
constants for oxidation-reduction reactions involving any two 
or more of the half-reactions. Such a procedure is possible. 

To illustrate the significance of the half-reaction constants 
given in Table 27, let us consider the equilibrium expressions 
of equation (12). It is not possible to obtain a definite numer- 
ical value for either of the half-reaction constants, yet we can 
obtain relative values of these ratios by assuming some arbi- 
trary value for one of them. For convenience, allow the ratio 


to be equal to i.e., the inverse of this ratio 
(H"^) ^ (^2,) 

to be equal to a. Substituting this value in equation (12) we 

(Fe+++) 

obtain 10~‘® ‘a for the value of the ratio . , / since 


(Fe++) 


(H^)^ ^ (Fe+++) _ 1 ^ (Fe+++) 
(H+) (Fe++) a (Fe++) 


= 10 -‘» ‘ 


and 


(Fe+++) 

(Fe++) 


= 10-1" ‘a 


Now consider another reaction involving Fe++ and Fe+++ 

- -t- 5Fe++ + 8H+ = Mn++ -I- 5Fe+++ -I- 4 H 2 O (14) 


10 ns. 


MnO 


This equation involves an oxidation-reduction change of five 
units of charge or five electrons. Changing equation (14) so 
that only one unit of charge, or one electron, is involved, we 

pinOr + Fe++ + fH+ ^ iMn++ + Fe+++ -t- (15) 

The equilibrium constant for this reaction is 


(Fe 


+++ 


)(Mn++)^//20^ ^ ^ JQ12.5 (experimental) ( 16 ) 


(Fe++)(Mn04-)kH+) 
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In this expression we have included the term where 

normally it would be omitted, as in past examples, for the 
concentration of the water molecules does not chanj^e ap- 
preciably in such reactions and for all practical purposes may 
be regarded as remaining constant. Although the term can 
be omitted from equation (16) we shall see later that its in- 
clusion will be very convenient in the selection of the proper 
half-reactions required for the calculation of the oxidation- 
reduction equilibrium constants in question. All such terms 
which can be omitted appear in italics. Formally each of these 
italicized terms may be regarded as being equal to unity. Sub- 
stances which do not change appreciably in concentration 
during the course of a reaction, such as water, and all sub- 
stances existing in a separate phase (not in solution), such as 
relatively insoluV)le solids, come under this classification. 

(Fe++'^) 

The value of the term ■ r , . was previously found to 


(Fe++) 

be equal to 10“'^ (maintaining the value 


Thus, 

(Fe+-^) 

(Fe++) 


(H,)^ 


as a). 


X , ,0-.. X . 10,.,. 


(AInOr)MH+)« 

and therefore 


(Mn0.r)HH+)^ 


10 ‘- 


,0 


10 - 


0 .b 


(Mn04-)kH+)» a 

The inverse of this value is ''a, as Riven in Table 27. 

We shall next consider the reaction represented by the 
eejuation 

3Fe++ + NO 3 - + 4H+ = 3Fe+++ + NO + 2 H 2 O (17) 

Reducing this equation to represent one electron change, we 
have 

Fe++ + ^NOs- + tH+ = Fe+++ + ^NO + fHoO (18) 
the value for the equilibrium constant of which is 


fl'- . 10, , (experimental) 

(Fe++)(N 03 -)HH+)^ texpeiimental) 


( 19 ) 
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Since 


(Fe+++) 

(Fe++) 


equals 10 the value for 


(N03-)*(H+)^ 

(NO)^^f20" 


is accordingly -a, as given in Table 27. 

In this way it is possible to build up values for the half- 
reaction constants for all oxidation-reduction couples. It will 
be observed that for every completed reaction the alphas 
(a^s) always cancel. The reason for reducing every half- 
reaction to one which involves a change of only one unit of 
charge or one electron is to allow for this cancellation. Since 
the alpha term always cancels it can be omitted. The values 
of the half-reaction constants in Table 27 therefore include 
only the coefficients of alpha. 


Table 27 

Oxidation-Reduction Half-Reactkvns 

For convenience in locating the half-reaction in the table,* each 
equation is given in terms of whole number coefficients. The equi- 
librium expression for the half-reaction, however, is for a one electron 
loss, or a gain of one unit of valence number. The exponent of the 
half-reaction constant is given to the first place following the decimal 
point. In some cases the experimental data for the determination 
of this value do not warrant a significant figure of this magnitude, 
while in other cases they do. Therefore the figure following the 
decimal point is not always significant; it represents an estimated 
value of the average accuracy. For convenience, the solid phases 
such as Li and the practically non-varying components such as H^O 
are included in the equilibrium expressions for the half-reactions 
and appear in italics. These will either cancel in the calculated 
equilibrium expression for a complete reaction or they are to be 
omitted after the equilibrium expression has been finally set up. 
They are included here for convenience in manipulating the half- 
reaction expressions. The exponents for the solid and non-varying 
components have no significance. These are also included for con- 
venience. The concentrations of gases, for example (H2), are to be 
expressed in terms of pressures (atmospheres). 

• Compiled from data obtained from Oxidation Potentials, by Wendell M. 
Latimer (Prentice-Hall), Second Edition, 1952, and by correspondence with the 

author. 
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As in Table 26 the right-hand member of each half-reaction is 
an oxidizing agent, and the left-hand member a reducing agent. 
The best reducing agents are at the beginning of the table and the 
best oxidizing agents at the end Any given oxidizing agent will 
oxidize any reducing agent lying above it in this table. 

It is possible to predict qualitatively whether or not some of the 
simpler reactions will proceed merely by inspecting the relative 
positions of the appropriate half-reactions in the table. In many 
cases, however, the complete reaction in question will involve more 
than two half-reactions. Under such conditions a quantitative cal- 
culation of the equilibrium constant is necessary. In any event the 
extent to which a given reaction will proceed can only be determined 
by making a quantitative calculation involving the half-reaction 
constants. 


Half-Reaction 

Equilibrium 

Expression 

Value 

OF 

Constant 

1. Li 

Li+ 

(Li-) 

Li 

IQSl.S 

2. Rb — 

-Rb+ 

(Rb+) 

Rb 

IQ49.4 

3. K 

K+ 

(K-) 

K 


4. Ba — 

- Ba++ 

B(r^ 

10«a 

5. Sr — 

- Sr++ 

(Sr— 

.SV2 

104S.8 

6. Ca — 

- Ca++ 

(Ca-)i 

10«.5 

7. Xa 

- Xa+ 

(Xa-) 

a 

10«.9 

8. Mg - 

- 

Mg 

10^0.1 

9. A1 

- 

(Al— )5 

A/3 

1028.1 

10. Mn- 

~ Mn-^+ 

(Mn— )2 

il/n2 
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Half-Reaction 


11. CN- -f 20H- — CNO- + H 2 O 


12. SO 3 — + 20H- — SO 4 ” + H 2 O 

13. Cr Cr++ 


14. H 2 + 20H- 2 H 2 O 

15. Zn Zn++ 

16. Cr Cr++-^ 

17. HsTe Te 4- 2H+ 

18. Ga Ga+^ 


19. S-- S 

20. Fe Fe++ 

21. Cr++ Cr+++ 

22. Cd Cd++ 

23. HaSe Se + 2H+ 


24. 


Ti+-M- 


25. Pb H- S04“- PbS04 


26. In 


Equilibrium 

Expression 


(CN0-)^tf;0^ 

(CN-)i(OH-) 

(SO 3 — )j(OH-) 
Cri 


HS 

(Zn+-*-)i 

Zn^ 

(Cr++->-)i 

Cri 

(H^Te)^ 

(Ga+++)^ 

Ga^ 

(S--)i 

(Fe++) ^ 
Fe^ 


(Cr+++) 

(Cr++) 

(CcF^ 

Cdi 


(H.Se)^ 


(Ti+++) 

(Ti++) 

PbSO,i 

Pbi(SOr-)^ 

(In+->-+)^ 

Ini 


Value 

OF 

Constant 

IOIC .4 

1016.7 

1016.4 

1014.0 

1012.9 

1012.5 

1012.2 

109.0 

10 ^® 

106.9 

106.8 

106.8 

106.3 

106.0 

105.8 
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Half-Reaction 

27. Tl — T1+ 

28. Co Co-^+ 

29. HaPO. HaPO^ 4- 2H- 

30. Xi Xi-+ 

31. SaOr- — 28O4-- + 4H- 

32. Sn — 

33. Pb Pb++ 

34. 9()H- 4- XHa XO3- 4- 6H,0 

35. Cu,0 -h 2014- 2CuO 4- H.O 

36. HOr 4- OH - — O, 4- H-aO 

37. Mn(01l)i 4- 2041" MnO, 4- H,0 

38. H, 2H- 

39. XOr + 20H- XOa- + H,0 

40 . 2 S>Oa-- S 4 O 6 -- 

41 . C’o(XHa)r^ Co(XHa) 6 '^^+ 

42. Mn(OH), Mn(0H)3 
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Equilibrium 

Expression 


Value 

OF 

Constant 


(TP) 

Tl 

(Co-)^ 

Co^ 

(HaPO^rkH -) 

(HaPOa)'^ 

(XiZli 

' .Vii 

(S 04 - -)(H-)-^ ' 

(S^Oii )- 

_^X0jr)^//,0^ 

(0H^nXHa)» 
CuO II 
C’///4 HoH-) 

(0,)2 / /,o 4 

(HO,-)kOH-)^ 

Mn0^H«0'i 

Mn(on);^(on-) 

(H-) 

(H,)i 

(XO,-)kOH-) 

(S.Oe— 

(S>0;j ) 

(CoCXHa)^^-^^) 

(CoCXHOe^-^) 

iV/i(0//)3 

Mu{0!iu 


10' ' 

10^' 

10^' 

101.3 

10'* 

10^.3 

102 ..) 

10 ' ^ 

10'^ 

100.« 

10" 

10-0.2 

10-1-* 

10 -i.v 

10-17 
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Half-Reaction 

Equilibrium 

Expression 

Value 

OF 

Constant 

43. Ti^+ + H 2 O TiO++ + 2H+ 

(TiO++)(H+)2 

(Ti+++)^20 

10-1 ^ 

44. ns S - 1 - 2H+ 

Si(H+) 

(H2S)^ 

10-2.4 

45. Sn-^ Sn++++ 

(Sn++++) i 
(Sn++)5 

10-2.5 

46. 2Sb + 3 H 2 O Sb203 + 6H+ 

S 620 ,^(H+) 

Sb^H^O^ 

10-2.6 

47. Cu+ Cu++ 

(Cu++) 

(Cu+) 

10-2.6 

48. Bi + H 2 O + Cl- BiOCI + 2H+ 

5is//20^(Cl-)i 

10-2-^ 

49 . H 2 SO 3 + H 2 O SO 4 + 4H’*' 

(SO 4 — 

(H2S03)i//20i 

10-2.9 

50. Co(OH)2 + OH- — Co(OH)3 

Co(OH), 

Co(0//)2(OH-) 

10-2.9 

51. Hg + 4Br- HgBr^— 

(HgBr^— )i 
MgH^r-y 

10-3.5 

52. Ag + Cl- AgCl 

AgCl 

Ag(Cl-) 

10-3.8 

53. As + 2 H 2 O HAsOj + 3H+ 

(HAs02)3(H+) 

As-^II^O^ 

lO-i^ 

54. PbO H- 20H- Pb02 -h H.O 

PbOollhOh 

PboHon-) 

10-^2 

55. I- -f- 60H- IO 3 - + 3HoO 

(i-)hon-) 

lo-^-* 

56. Bi + H 2 O BiO+ + 2H+ 

(BiO+)i(H+)l 

10-^-* 

57. CIO 2 ’ + 20H- CIO 3 - + H 2 O 

(Cl03-)^fh0i 

(C\Ot-)HOK-) 

10-5.6 

58. + 2 H 2 O UO 2 ++ + 4H+ 

(LW^)^(H+)2 

10-5.6 
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Half-Reaction 


Equilibrium 

Expression 


59. Cu Cu++ 


(Cu -)2 

r.4/' 

60. 2Ag + 20H- — 

- Ag20 4- H 2 O 

AgiOH-) 

61. CIO;,- -1- 20H-- 

- CIO 4 - -f H 2 O 

(C104-)^//205 

(CK):r)-kOH-) 

62. Fe(CX )6 — 

-Fe(CX )6 

(Fe(CX )6 ) 

(Fe(CX)„ ) 

63, 4- H 2 O — 

■ VO+-^ 4 - 2 H" 

(V0-+)5(H') 

64. S-.Os 4“ 3 H 2 O ■ 

2 H.SO 3 4- 2H+ 

(H. 2 SO: 0 ^(H+)^ 

(S203")^//‘.0V 

65. OH- + HO 2 -- 

— 0 >— 4“ H-iO 

(OH-)i(HO--)} 

66 . 40H- O 2 4- 2H.>0 

( 0 .) ‘ H-.0i 
(OH-) 


67. S + 3H,0 H 2 SO 3 -f 4H* 

68. Xi(OH)2 + 20H- NiOa + 2H,0 

69. I- + 20H- 10- + H,0 


(I-)HOH-) 


70. Cu — Cu-^ 

71 . Te + 2H,0 — TeO, + 4H+ 

72. 21- 1-2 

78. CuCl Cu++ -h Cl“ 


(Cir) 

Cu 

TeOol(H^) 

iJ 

(I-) 

(Cu— )(CI-) 
CuCl 


74. HAsO^ + 2 H 2 O H 3 ASO 4 + 2H^ 


(IEA.s04)^H-) 

(HAs0-2)2//,0 
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Value 

OF 

Constant 

lO-5.fi 

IO-5.S 

10 -« ' 

10-fi.i 

lO-fi.5 

10 - 6 ^ 

10 - 6 -^ 

10-'-6 

10 - 8.3 

10-9-3 

10 -8. S 

10-S.9 

10-9.1 

10 - 9-1 

10-9.5 
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Half-Reaction 

Equilibrium 

Expression 

Value 

OF 

Constant 

75. Mn04 ]\In04~ 

(MnO^-) 

(AIn04— ) 

10-9.5 

76. Ag^O + 20H- 2AgO + H^O 

Ag0H20^ 

Ag^O^iOn-) 

<P 

• 

1 

0 

77. 2SbO+ + 3 H 2 O SbaOs -f- 6H+ 

{ShO^)^H,0* 

10-9.8 

78. :\In02 + 40H- :\In04— + 2 H 2 O 

MnOiHon-y 

lO-io.i 

79. Br- + 60H- BrOj- + SHjO 

(Br-)s(OH-) 

10-10.3 

80. U++++ + 2 H 2 O LW+ + 2H+ 

(U02-'-^)2(H+) 

10-10.5 

81. CuBr Cu++ + Br- 

(Cu++)(Br-) 

CuBr 

10-10.9 

82. CIO" + 20H- CIO 2 - + H 2 O 

(CAOrV^iho^ 

(ClO-)i(OH-) 

10-11.2 

83. H 2 O 2 O 2 + 2H+ 

(02)kH'^) 

(H 2 O 2 ) i 

10-11.6 

84. Se + 3 H 2 O H 2 Se 03 + 4H+ 

(H 2 SeO.,)*(H+) 

SeUhO^ 

10-12.5 

85. Br- + 20H- BrO* + H 2 O 

(Br-)^(OH-) 

10-12.9 

86. 

(Fe++-") 

(Fe++) 

10-13.1 

87. 2Hg Hg2++ 

(Hg2++)^ 

Hg 

10-13.3 

88. Ag Ag+ 

(Ag+) 

Ag 

iO 

T 

0 

89. N 2 O 4 + 2 H 2 O 2 NO 3 - + 4H+ 

(X204)2//,0 

10-13.5 

90. 30H- HO.- + H.0 

(OH-)t 

10-14.9 
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Half-Reaction 

Equilibrium 

Expression 

Value 

OF 



Constant 

91. Cl- + 20H- — 

- CIO- + H 2 O 

(C10-)^//>0^ 

(Cl-)^(OH-) 

10-15.1 

92. + 3 H 2 O- 

— NO 3 - -f 10H+ 

(XH4+)i//20t 

10-15.3 

93. Hg2++ 2Hg++ 


10-15.5 

94. HXO 2 + H 2 O - 

— NO 3 - + 3H^ 

(X03-)5(H+)§ 

(HXO,)J//20^ 

0 

1 

0 

iC 

95. XO + 2 H 2 O — 

- XO 3 - + 4H-^ 

(X03-)i(H+)i 

(XO)^//./>s 

lO-ifi.2 

96. XO H- H..0 

HXO 2 4- H-" 

(HX02)(H-^) 

(xo)//2a 

10-16-9 

97. 2Br” Br-i 


(Br.)^ 

(Br-) 

10-17-9 

98. H2Se03 + H 2 O 

— SeO,-- + 4H+ 

(SeO,--)i(H+)2 

(H..Se03)^//20^ 

10-is>.< 

99. CIO 3 - + H-,0 - 

— ClOr + 2H+ 

(C104-)5(H+) 

10-2.10 

100. HCIO 2 + H 2 O 

— CIO 3 - -f- 3H+ 

(C103-)5(H+)t 

(HC102)i//20i 

10-20.5 

101. 2 H 2 O O 2 -1- 4H+ 

(02)i(H+) 

// 2 O 2 

10-20.8 

102. -f- 2 H 2 O MnOa + 4H+ 

MnOj(H+y 

(.Mn--)i//20 

10-20.8 

103. O 2 + 20H-- 

- O 3 + H 2 O 

(OdhOH-) 

10-21.0 

104. TI+ T1+++ 


(Tl-)^ 

10-21.2 

105. X 2 O + 3 H 2 O - 

— 2 HNO 2 + 4H+ 

(HX02)i(H+) 

(X20)i//20t 

10-21.8 

106. 2Cr-++ + 7H.0 Cr.O,-" + 14H+ 

(Cr20T--)c(H+)V 

(Cr+-^+)e//,05 

10-22.5 
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Half-Reaction 

Equilibrium 

Expression 

Value 

OF 

Constant 

107. 2C1- CI 2 


(Cl2)i 

(C1-) 

10-23.0 

108. Au + 3 H 2 O — 

-Au(0H)3 -I- 3H+ 

(Au(OH) 3 )i(H+) 

Auiff20 

10-24.6 

109. Ih + H 2 O 

HIO + H+ 

(HIO) (H+) 

(I 2 ) iff20 

10-24.6 

110. Pb++ + 2 H 2 O 

— Pb02 + 4H+ 

Pb02i(H+)^ 

(Pb-^^)i//20 

10-24.6 

111. Au 


Au^ 

10-26.4 

112. Mn++ jMn+++ 

(Mn'*' 

(Mn++) 

10-25.6 

113. Mn++ + 4 H 2 O 

MnOi- + 8H+ 

(Mn04-)i(H+)f 

(.Mn++)l7/20l 

10-1S6.6 

t 

114. iBr^ + SHaO- 

- BrOa- + 6H+ 

(Br03-)s(H+)f 

(Br2)TV//20f 

10^15.8 

115. 4Br2 + H 2 O — 

- HBrO + 

(HBrO)(H+) 

(Br2)5//20 

10-26.9 

116. Ce++++ 

(Ce++-^) 

(Ce+++) 

10-27.2 

117. iCl2 + H 2 O 

HCIO + H+ 

(HClO)(H+) 

(CI 2 ) ^//jO 

10-27.5 

118. HCIO + H 2 O - 

- HCIO 2 + 2H+ 

(HC102)i(H+) 

(HC10)iH20i 

10-27.7 

119. Au Au+ 


(Au+) 

4u 

10-25.4 

120. Ni++ -H 2 H 2 O — 

- Xi02 + 4H+ 

Xt02^(my 

(Xi++)^//20 

10-28.4 

121. PbS04-f 2 H 2 O 

-Pb02+S04’-+4H+ 

P602^(S03--)J(H+)2 

PbSOjH20 

10-28.4 

122. MnOz + 2 H 2 O - 

— Mn04~ + 4H+ 

(.Mn03-)3(H+)1 

Mn02^H^i 

10-28.7 
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Half-Reaction 

Equilibrium 

Expression 

Value 

OF 

Constant 

123. 2H*0 

H 2 O 2 “h 2H’*' 

(H.>02)^H-^) 

//>0 

10-29.9 

124. Co-^- 

— Co-*-^ 

(Co+++) 

(Co++) 

(FeO<— )i(H+)t 
(Fe+++)3//,Oi 

10-30.8 

125. -b 4 H 2 O Fe04— + 8H- 

10-3 -^. 1 

126. 2 SO 4 - 

S 2 O 8 -- 

(S 2 O 8 — 

(SO.-) 

10-34.0 

127. O 2 + H 2 O O 3 + 2H+ 

(03)3(H+) 

10-35.0 

128. 2F-- 

-F 2 

(F^)^ 

(F-) 

10 -U .8 

129. 2HF - 

— F 2 + 2H+ 

(F2)i(H+) 

(HF) 

10-51.7 


Examples to Illustrate Use of Table 27 

Example 1. 

Is it possible for hydrochloric acid to dissolve copper to form hydro- 
gen gas and cupric ion? AVe know from experience that it is not 
possible. While a qualitative examination of the relative positions 
of the couples in the table above will give us this information, we 
may confirm this fact and observation by a calculation which uses 
the values given in the table for the equilibria involved. The equation 
for this reaction is 

Cu + 2H+ = Cu++-hH 2 (1) 

The corresponding equilibrium expression is 


(Cu+^)(H2) 

Cw(H+)2 


(2) 


From the table we find that has a value of and 

1 

(H2)^ 

value of 10® or 1. Combining these two half-reaction 


expressions, we obtain 

(Cu++)^ (H^)^ 

Cui (H+) 


10-=^ ® X 10“ = 10-= ® 


(3) 
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Squaring both sides of equation (3) we obtain equation (4) with 
a numerical value for the constant of 10““-^. Then omitting Cu, 
since it is in the solid phase, we obtain 


(Cu++)(H.) 

( H ^)2 



10 - 11.2 



The small value of this constant indicates that this reaction will 
not proceed from left to right to any appreciable extent. If the 
value of any equilibrium constant were 1, then the reaction would 
proceed about halfway toward completion before equilibrium would 
be reached. At this point the concentrations of the products would be 
of the same order of magnitude as the concentrations of the 
reactants. If the constant were greater than 1, the concentrations 
of the products must exceed those of the reactants at equilibrium 
and therefore the reaction would proceed to a greater extent to the 
right. When the value of the constant is less than 1, the concentra- 
tions of the reactants exceed those of the products at equilibrium. 
Any reaction proceeds to a lesser extent from left to right, the smaller 
the value of the constant. The small value of the constant (10“" ^) 
for the equilibrium considered in Example 1 indicates that the re- 
action proceeds to the right only to an inappreciable extent. We 
may then conclude that the reaction has a pronounced tendency to 
proceed from right to left. In other words, it should be possible to 
precipitate copper from solutions of its salts by merely passing 
hydrogen gas into the solution. However, this reaction does not 
take place at ordinary temperatures because its speed is too slow. 
It should be possible to affect this change by means of a catalyst. 
This is not feasible \\dth a contact catalyst since its surface would im- 
mediately become covered with metallic copper, rendering it in- 
active. But by increasing the temperature to 150° C the velocity 
of the reaction is increased sufficiently to bring about the reduction 
of cupric ion to free copper by hydrogen. 


Example 2. 

Let us determine the extent to which metallic copper dissolves 
in nitric acid solution to form cupric ion and nitric oxide. The 
equation for the reaction is 

3Cu + 2 NO 3 - -t- 8H+ = 3Cu++ + 2NO + 4 H 2 O 


(5) 
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Consequently, 


Cu3(X03’)-(H+)'* 


(Cu++)HXO)2 

(XO:r)nH^)' 


( 6 ) 


In eciuation (G) the equilibrium expression is written in two forms. 
In the first, solid Cu and H^O are included hut it is to be understood 
that they have no significance and are to be disregarded in that the 
concentration of H2O does not change appreciably. They may be 
regarded as always being e(iual to 1 . This is the same as eliminating 
them from the expression finally obtained. 

r ( d/ll ^ 

1 he value for the half-reaction — is 10~^ for one electron 

change (see #59 of Table 27). For a change of two electrons the 
value is 10 ““ which when raised to the third power becomes 

10-336_ value for the half-reaction constant for 




• .1 w (X0)'^//..05 ^ . 

IS that for - 1 . (the inverse of #95 of the table) raised 

(N(),-)3(ri+)3- 

to the sixth power, 


(X0)-7/,>0^ 


(X(.)3“)-\H+)« 


= (10‘®-)6 ^ 1Q-J7.2 


Therefore 


(X0)2//,0^ (Cu++)-TXO)^ 


r.-' - (X03-)^(n-)^ = X 10 -- = (7) 

Witli such a high positive value as 10 “ « it is evident that the reaction 
will take place. Experiment verifies this conclusion. 


Example 3. 

Is it possible for nitric acid to react with metallic zinc with the 
formation of zinc and ammonium ions? The balanced and com- 
pleted ecjuation for the reaction is 


4Zn + XO3 + 10PI+ = 4Zn++ -f- XH4'^ -f- 3H2O (8) 

The equilibrium expression is 

^ (XH4 +)//..Q^ _ (Zn++)^(XH4+) 

Zn* (X03-)(H+)>“ (XOa-lCH+l*" ~ (9) 


1 he value for for a two electron change taken to the fourth 
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power is (10*2.9)8 ^qigs (gee #15 of Table 27), while the value for 


the half-reaction, 


(NH4+)iy20" 

(N03-)(H+)*° 


is (10**^ ®)® which 


is equal 



10122 


(#92 of Table 27). Therefore the value for the equilibrium con- 
stant of equation (8) is 10*®^ X 10*^2 = 10225, xhis value is so much 
greater than unity that the reaction readily proceeds and the equi- 
librium position is practically completely to the right. This does 
not mean that the ammonium ion is the only possible product. Cal- 
culation would show that other compounds with different valence 
states of nitrogen, such as NO and NO2 can be formed by the action 
of nitric acid on zinc. Which of the nitrogen compounds are formed 
to the largest extent will depend upon the relative speeds of the 
different reactions involved. 

Making the same calculation but using copper instead of zinc 
we find that the reaction which produces cupric and ammonium 
ions is like\\’ise possible but the tendency for the reaction to proceed 
is not so great. The fact that ammonium ion is not found to a large 
extent when copper reacts with nitric acid must be attributed to 
the slow speed of this reaction as compared with the speed of those 
reactions which produce nitric oxide and nitrogen dioxide. 


Example 4- 

Table 27 may also be used in conjunction with the solubility 
product constants and with the ionization constants of weak acids 
and weak bases. Examples 4 5 are designed to illustrate the 

use of this application. 

Is it possible for nitric acid to dissolve an appreciable amount 
of cupric sulfide with the formation of nitric oxide, cupric ion and 
free sulfur? The equation for the reaction is 

3CuS + 2NO3- + 8H+ - 3S + 3Cu-^ + 2NO 4- 4H2O (10) 


Therefore 

= K (11) 

cus\No^-nmr 

Since solid CuS is involved we must use the solubility product expres- 
sion for CuS which is (Cu''''^)(S ) or demands 


that a (S””)^ appear in the numerator. 

(S-“) 


Likewise, it is necessary to 
which in turn demands a 


use the half-reaction expression 
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(S y in the denominator. To satisfy both these conditions multiply 
both numerator and denominator bv (S — y. 


{Cu++y{S--y 

CuS^ 


X 






(^oy iho^ ^ 

(XO;r)-(H+)'^ ^ 


( 12 ) 


E(iuation (10) involves a six electron change and the expressions 
(II) and (12) are likewise for a six electron change. Therefore all 
half-ieaction constants must be raised to the sixth power. The 
solubility product constant for CuS is IQ-^^-^ (see Table in the 
Appendix). 


{Cu^^y{S--y 


CuS^ 


= (10-35.4^3 = IQ- 


106 




= (10^ ^)« = 10^’^ (-19 of Table 27) 


(N0)2//20^ 


= (l0‘«-2)« = (#95 of Table 27) 


(Cu++)3(S--)3 .S 


^.3 


CuS^ 


(X())V/.>0^ 
(S--j3’ (XO;r)HH-^)'* 


10-106 X 1047.4X 10^^- = 10'’® ® (13) 


Omitting all solid phases and we have 


(XO)2(Cu-^-")® 

(XO:r)‘^(H+j« 


1038 6 


Consequently this reaction can proceed in accordance with equa- 
tion (10). Experience in the laboratory verities this conclusion. 

Carrying out a similar calculation using mercuric sulfide instead 
ot cupiic sulfide we find that this substance has a relatively small 
tendency to be dissolved by nitric acid. 

Example 5. 

Is it possible for a solution containing 0.1 mole of acetic acid 
and 0.1 mole of sodium nitrate per liter to dissolve cadmium sulfide 
ai)preciably? The eciuation for the reaction is 

3C’dS -f 2 X 0 . 3 - + 8HAc = 3Cd-^-» + 3S + 2X0 + 8Ac- 4- dH.O (14) 

and the corresponding eciuilibrium expression, 

(Cd++)3(XO)2(Ac-)>^//..04X3 

CUS^(XO;r}-(HAcj^ “ (lo) 
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Multiplying the numerator and the denominator of this expression 
by (S y X (H+)*, we obtain 


(Cd++)3(S— (ISSOyH^O* (H+)«(Ac-)« . 

CdS^ iS--y (N03-)^(H+)* ■ ~ (HAc)* 

(Cd++)»(S — 

= (10 “ 2)5 = 10~“ 6 (from solubility product 

constant) 


(NOyH^O* 

(NO,-)2(H+)« 


1016.2)6 = 1097.2 (^95 of Table 27) 


55 


= (102 5)5 = lO" - (#19 of Table 27) 


(H+)5(Ac-)5 

(HAc)* 


— (10~^'2)8 ^ 10 37 (from the ionization con- 
stant for acetic acid) 


The value of the above expression then becomes 


10-78.6 X 1052.2 X 10^2.4 y 10-52 or 10“ 

Therefore (NO,-) and (HAc) 

were each 0.1 mole (i.e., 10“* mole) per liter, the denominator be- 
comes 10”^® and the numerator then has a value of 10‘®. If the 
(Ac“) should reach a value of 0.1 mole per liter as a maximum and 
the (NO) a pressure of one atmosphere (since it is a gas), (Cd++)^ 
would be 10‘V10“^ or 10^ at equilibrium. Therefore cadmium 
sulfide would readily dissolve in this solution to form free sulfur 
and cadmium ion provided, of course, that the rate of the reaction 
is sufficiently great. The values given above merely show that 
such a reaction is possible and that there is a pronounced tendency 
for it to take place, but the3^ give no information concerning the 
speed of the reaction. 

Carrying out a similar calculation using cupric sulfide instead of 
cadmium sulfide, we find that the above solution will not dissolve 
the cupric sulfide appreciabl3\ 

Restrictions in the Interpretation of Results of Cal- 
culations^ The calculations made from the foregoing table 
onl3" show what the equilibrium will be when it is attained, but 
the3" do not indicate in an3' way that the equih'brium will be 


Problems and Exercises 


317 


attained in a reasonable period of time. The time necessary 
to reach equilibrium will depend upon the speed of the re- 
action. The velocity' of a reaction is a factor which is inde- 
pendent of the equilibrium. If, however, calculation shows 
that a reaction cannot take place because of equilibrium re- 
strictions, then the velocity of the reaction does not become 
a consideration, for no reaction can proceed beyond its equi- 
librium value. In other words, calculations from Table 27 
show definitely when a reaction does yiot take place to any 
appreciable extent and show which reactions will take place only 
if the velocity is great enough. 

Often several different products can be formed from the 
same reactants. For example, zinc reacting with nitric acid 
produces NO, NO* or NH 4 ‘^ ion. The relative amounts of 
these substances formed will depend upon the relative veloci- 
ties of tlie respective reactions involved. 

Do Reactions Take Place Completely? If a reaction 
takes place completely its equililjrium constant must be equal 
to infinity. Strictly speaking, no reaction goes to completion 
but many reactions have such large values for their equilibrium 
constants that for all practical purposes we may regard them 
as complete. For example, the reaction 

5H,S + 2AIn04- + 6H+ = 2Mn++ + 5S + 8H,0 (20) 

has an equilibrium constant equal to 10'-=^-. Such a large 
value of this constant is practically equivalent to complete 
reaction. Likewise, the equilibrium constant for the reaction 

SH.S + CroOy + 8H+ = 2Cr+++ + 3S + THaO (21) 

is 10*“*. It is not entirely meaningless to use such large nu- 
merical values. These two values show that MnOr ion, in 
the piesence of !!■*“ ion, is a better oxidizing agent than is 
Cr.Oy"" ion in the same medium, and that it is even possible 
for Mn 04 - ion with H+ ion to oxidize Cr+++ ion to CrsOy-"* ion. 

Problems and Exercises 

1. Calculate the equilibrium constant for each of the following oxi- 
dation-reduction reactions. In each case determine whether it is 
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possible for the reaction to proceed from left to right to any 
appreciable extent. 


Ref, Nos, 

Equation for Reaction in 

TabU 27 * 

(a) 2Fe++++H2S03+H20=S04 — +2Fe+++4H+ 49, 86 

(b) 2H2S-I-H2S03=3S(«)H-3H20 44, 67 

(c) 3C1-+2N03-+5H+=3HC10+2N0H-H20 95, 107, 117 

(d) 3]Vln04 +2H20=]VIn02(«)H"2]\In04~H-40H~ 75, 78 

(e) 2Cr++++6Co'^^+7H20=Cr207--+6Co-^-f-14H+ 106, 124 

(f) 3ZnS(.)+2N03-+8H+=3Zn-^+3S(,)+2N04-4H20 19, 95 

(g) 4ZnS(.)+NO3-+10H+=4Zn+++4S(.>+NH4-^+3H2O 19, 92 

(h) CdS(.)+S04— +4H+=Cd+++S<«)+H2S03+H20 19, 49 

(i) Br-+Mn02(,)+3H+=HBr0-}-Mn-*-^+H20 97, 102, 115 

(j) CuSc.)+S04--+4H+=Cu+++S<,)+H2S03+H20 19, 49 

(k) Cu(«>+2HN02+2H-^-Cu+++2N0+2H20 59, 96 

(l) PbS(,)+4H202=PbS04(o+4H20 19, 49, 67, 123 

(m) Sn+++H202+2H+=Sn+++++2H20 45, 123 

(n) CoS(s)‘I‘ 2N03““|-4 H'^=Co'*‘'^+N 204+S(*)+2H20 19, 89 

(o) 10Br-+2MnO4-+16H+=2Mn+++5Br2+8H2O 97, 113 

(p) H3As04+2I-+2H+=l2+HAs02+2H20 72, 74 


2. Is it possible for metallic tin to be dissolved appreciably by nitric 
acid to produce Sn'''+ ion and NH4''“ ion? 

3. Is it possible for mercuric sulfide to be dissolved appreciably by 
nitric acid with the production of Hg++ ion, nitric oxide, and 
free sulfur? 

4. A solution is 0.1 molar with respect to each of Cr207 — , H"'", and 
Cl“ ions. Can a reaction proceed to an appreciable extent in 
this solution to form free chlorine and Cr'^'^ ion? 

5. Can cupric sulfide be dissolved to any appreciable extent by a 
solution containing hydrogen peroxide and hydrochloric acid to 
form Cu'*"'" ion, free sulfur, and water? 

6. Can silver sulfide be dissolved to any appreciable extent by con- 
centrated nitric acid with the formation of Ag-^ ion, free sulfur, 
and nitric oxide? 


* In addition to the half-reaction constants, the solubility product constants 
for slightly soluble substances are also required for several of these calculations. 
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7. From the half-reactions, Nos. 91, 107, and 117 in Table 27, 
calculate the ionization constant for hypochlorous acid, HC1(). 

8. From the half-reactions, Nos. 19 and 44 of Table 27, and /vw 
(water), calculate the value of the equilibrium constant for the 
reaction, 

S— 4- 2HoO = -h 20H- 4- H 2 

9. From half-reaction No. 44 and the first and second ionization 
constants for HoS, determine the value of the constant for half- 
reaction No. 19, and compare your answer with that given in 
Table 27. 

10. From the half-reaction No. 07, together with the first and second 
ionization constants for sulfurous acid and ivw, determine the 

value of the half-reaction, S(^) 4- OOH~ SO3 — -j- 314-0, i.e., 

for the expression 

(S 03“-)*7 /oQ* 

11. Using the result obtained in (10), together with half-reaction 
No. 19 and the solubility product constants for FefOH)^, Fe(OH),:, 
and FeS, determine whether the following reaction can proceed 
from left to right. 

7Fe(OII)2(.) 4- SO;r- 4- 3H-0 = FeS(«, -h 6Fe(OH)3(.) + 20H- 

12. A solution containing Fe-^+^- ion is reduced with metallic iron. 
At equilibrium the concentration of the Fe++ ion is found to be 
.01 M. What is the concentration of the Fe'*'++ ion in this 

solution when it is in eciuilibrium with the Fe++ ion and metallic 
iron? 


CHAPTER 

14 


Nuclear Chemistry 


In the last two decades research chemists and physicists 
have given a great deal of attention to the study of the nucleus. 
The atomic or nuclear bomb and nuclear power are the direct 
result of these studies. Not only has the nucleus of the ura- 
nium atom been exhaustively studied but a great deal of re- 
search has been devoted to the nuclei of all the elements. 
Today there is such a wealth of information in this field that 
it has been classified as a new branch of chemistry. This 
branch has to do with the reactions of the nuclei and the 
fundamental particles such as the neutron and the proton. 
Such reactions are known to take place in the hot stars. They 
can be studied in the laboratory only by the use of high voltage 
machines such as the cyclotron which have the ability to im- 
part high velocities, i.e., large kinetic energies, to the elec- 
trically charged particles. 

The products of nuclear reactions very often are radio- 
active, and are used as a convenient and rapid means of analy- 
sis. The study of this radioactivity is often referred to as 
radiochemistry. It is a branch of the general field of nuclear 
chemistry. 

The Neutron and the Structure of the Nucleus. In 

1932 the English physicist, Chadwick, discovered a new funda- 
mental particle, the neutron. This discovery was of the great- 
est importance to the study of the nucleus. It changed our 
concept of nuclear structure and brought about a tremendous 
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advance in the study of nuclear reactions — one of these re- 

% 

actions being the fission reaction of uranium in the atomic bomb 
and in the nuclear power reactor. 

The neutron has a mass of 1.00893, while the mass of tlie 
proton is 1.008123 — their masses are very nearly alike. 
(These values are based upon the weight of the oxygen atom 
as a standard. This is taken to be 16.00000.) The size or 
cross section of the neutron is very small as compared with 
that of an atom — it is of the same order of magnitude as the 
nucleus of the hydrogen atom; i.e., the proton. It has no 
charge; therefore it is not repelled nor is it attracted by the 
positiveh^ charged nuclei or by the negatively charged elec- 
trons that make up tlie atom. Consequently, neutrons travel 
relatively great distances through matter without collision or 
reaction, and, therefore, neutrons cannot be contained in a 
bottle, or in any container, as can the atoms and molecules of 
ordinary matter. Many neutrons, produced by cosmic rays, 
pass through the human body every second. 

The average time that a free neutron lives is about 15 
minutes. At the end of this time it decomposes into a proton 
and an electron. 

Neutron — ^ proton + electron 

or n p ~h e~' ^ ^ 

However, this instability applies only to free neutrons and not 
to those combined in the nucleus. 

Previous to the discovery of the neutron, the nucleus was 
assumed to be composed of protons (the nuclei of hydrogen, 
atoms) and electrons. Tims the nucleus of the nitrogen atom 
with an atomic weiglit of 14 was assumed to be composed of 
14 protons and 7 electrons (the weight of the electrons is 
negligible). This combination would account for an atomic 
A’eight of 14 and a charge on the nucleus of plus 7. However, 
we now assume that the nucleus of the nitrogen atom is com- 
posed of 7 protons and / neutrons. There is an experimental 
basis for this new concept, which is roughly the following. The 
nucleus as well as the atom is quantized, and the outer electrons 
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are coupled with the nucleus. From the quantized character- 
istics of the whole atom it is possible to determine whether 
there is an even or odd number of fundamental particles making 
up the nucleus. In the case of the nitrogen atom it is found 
that the nucleus is made up of an even number of fundamental 
particles. Hence the concept that it is made up of 14 protons 
plus 7 electrons is ruled out for 14 -I- 7 is an odd number whereas 
7 protons plus 7 neutrons gives an even number. This rule 
applies to all nuclear species that have even atomic weights 
and an odd number of positive charges (i.e., odd atomic 
numbers). 

Isotopes. The mass spectrograph is an instrument which, 
by means of a combination of electric and magnetic fields, has 
the ability to separate and distinguish particles with different 
C/ m ratios (e is the electric charge on the particle and m is its 
mass). Thus, if singly charged atoms (not nuclei) of 0+ and 
N+ (produced by removing one electron from the atom) are 
analyzed by this instrument it is found that the ratio of the 
two masses is 16 to 14. By means of this instrument it was 
found, for example, that not all oxygen atoms found in nature 
have the same mass. Three species were found. Those wth 
a mass of 16 constituted the greater part of the “mass spec- 
trum.” The other two species have masses of 17 and 18, re- 
spectively. These different species are called isotopes. An 
isotope is a member of a group or family of atoms which have 
the same nuclear charge or atomic number; therefore, the same 
number of outer electrons. The relative amounts of these dif- 
ferent oxygen isotopes present in our universe, or at least on our 
planet, are: sO*®, 99.76 percent; 0.04 percent; gO*®, 0.20 
percent. In the designation gO*®, as an example, the left-hand 
subscript refers to the atomic number and the right-hand 
superscript to the mass number, i.e., the total number of pro- 
tons and neutrons. The nucleus of the gO*® isotope is made up 
of 8 protons and 8 neutrons; that of gO*% 8 protons and 9 
neutrons; and for gO^®, 8 protons and 10 neutrons. 

The gross chemical properties of these different isotopes are 
the same, for the charges on the nuclei are the same — plus 
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8, in the case of oxygen, and therefore the number of external 
electrons — is the same in each case. All elements with the 
exception of about twenty, are characterized by two or more 
isotopes. Some of the most interesting isotopes, together with 
their exact masses, are given in Table 28. 

Table 28 


The Properties of Lsotopes of Some of the Elements 


Atomic 

Number 

Element 

Mass 

Number 

Isotopic Weight 

Packing Fraction 

0 

Neutron 

1 

1.0893 

-i-89.3 

1 

Hydrogen 

1 

1.0081 

+81 

1 

Deuterium 

2 

2.0147 

+23 

1 

Tritium 

3 

3.0171 

+57 

2 

Helium 

3 

3.0171 

+57 

2 

Helium 

4 

4.0039 

+ 9.8 

3 

Lithium 

6 

6.0167 

+27.8 

3 

Lithium 

7 

7,0180 

+25.7 

4 

Beryllium 

8 

8.0078 

+ 9.8 

4 

Beryllium 

9 

9.0149 

+ 16.6 

4 

Beryllium 

10 

10.0164 

+ 16.4 

o 

Boron 

10 

10.0161 

+ 16.1 

5 

Boron 

11 

11.0128 

+ 11.6 

5 

Carbon 

12 

12.0036 

+ 3.0 

() 

Carbon 

13 

13.0073 

+ 5.6 

7 

Nitrogen 

14 

14.0073 

+ 5.2 

7 

Nitrogen 

15 

15.0048 

+ 3.2 

8 

Oxygen 

16 

16.0000 

0 

90 

Thorium 

232 

232.020 

+ 3.0 

92 

Uranium 

235 

235.084 

+ 3.6 

92 

Uranium 

238 

238.088 

+ 3.7 


The Stability of the Isotopes, When we speak of the 
stability or instabilit}'^ of any substance we must always lia\'e 
in mind some change, — i.e., some chemical reaction. When 
we say that TNT (trinitrotoluol) is unstable, we mean that it 
is unstable with respect to its usual dissociation products that 
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result from explosion; namely, CO, CO 2 , NO, NO 2 , and H 2 O. 
In saying that TNT is unstable with respect to its dissociation 
products we mean that when TNT explodes it releases energy. 
This release of energy is a measure of its instability. 

There is another distinctly separate factor that must be 
considered when we consider the stability" of any molecule or 
mixture of molecules. That is the velocity of the reaction. A 
mixture of gasoline and oxygen is unstable, for, if a reaction 
were to take place, energy would be released. Yet a sealed 
flask containing these substances could be kept indefinitely 
at room temperature without explosion occurring. Likewise 
TNT, while unstable, must be triggered off by a detonator, 
or by a percussion cap. The N 2 , O 2 , and H 2 O in our atmos- 
phere are unstable with respect to nitric acid. In other words, 
if the reaction were fast enough, these substances would com- 
bine to form nitric acid. There are, therefore, the two aspects 
of stability to consider: (1) the energy release if reaction 
takes place, and (2) the probability or the conditions under 
which the reaction can be made to proceed. Let us first con- 
sider stability in terms of the energy released, assuming the 
reaction can be made to take place. 

Einstein deduced from his Theory of Relativity that mass 
and energy are related by the equation 

E = mc^ (2) 

where E is energy in ergs; m is mass in grams; and c is the 
velocity of light (3 X 10"“ cm. per second). For any reaction 
the change in mass of all the atoms or molecules involved 
{m-i - mi) or Am multiplied by equals the energy, Eo - Ei 
or AE, in ergs. In terms of change in mass and energy change, 
Einstein’s equation is written as 

AE = c^Am 

When 12 grams of carbon combine with 32 grams of ox 3 "gen 
to form carbon dioxide, 96,000 calories or 3.94 X 10"^ ergs of 
energj' are released. The weight of the carbon dioxide formed 
does not exactly- equal the weight of the carbon and the oxj^gen 
but is less than this amount bj' 
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Am 



3.94 X 10^2 
9 X 


= 4.4 X 10 ® gram 


This small difference in weight is much too small for us to 
weigh accurately. However, nuclear reactions are thousands 
of times more energetic than are ordinary chemical reactions, 
and this mass and energy relationship can be determined ex- 
perimentally. Therefore the relative stabilities of the nuclei can 
be determined by their exact masses. The exact masses of 



FIG. 14.1 The packing fraction of the isotopes as related to the mass 

number. 


the various isotopes from which energy- evolution can be calcu- 
lated are given in Table 28. 

The isotopic masses can be expressed in another way, i.e., 
by the “packing fraction.’’ The packing fraction of the 
elements is also given in Figure 14.1. The relationship shown 
in this figure is very important for it is by means of these 
data that the potentialities of the A-bomb and atomic power 
were predicted. 

The packing fraction is defined as the fractional deviation 
from the mass number. The packing fraction for helium can 
be determined in the following way. 8ince the mass of 
isotope is 4.0039, the packing fraction is 
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4.0039 - 4.0000 

4 


0.0039 

4 


= 0.00097, or 9.7 X 10^^. 


The packing fraction is usually expressed as the number 
multiplied by 10“^, or, in this case, +9.7. Another way of 
expressing this value is : the packing fraction of the 2 He^ isotope 
is plus 9.7 parts in 10,000. 

Since, in changes of mass, we are not interested in the absolute 
mass but only in the changes, it does not make any difference 
what standard or what value we assume as the zero point — 
the difference will always be the same. So we arbitrarily 
assign to the mass of isotope the value of 16.0000. . . . 
The student will note that the packing fraction for is zero. 

As can be seen from Figure 14.1, some of the packing frac- 
tions have negative values. The packing fraction of eeBa^^® is 


137.916 - 138.000 

138 


-.084 

138 


= — 6.1 X 10 \ or —6.1, as expressed 


in Figure 14.1, 

When Otto Hahn, the German chemist, found that one of 
the dissociation products of was barium, the tremendous 
potentialities and consequences of this discovery were realized 
by him and particularly by his colleague Lise Meitner. To 
better understand the Einstein equation relating mass and 
energy and to appreciate how the work of many contributes to 
our general knowledge of science, let us trace, as best we can, 
the thinking of Dr. Meitner, when she first learned that 
barium was one of the products found in the fission of 

The reaction under consideration was 


92U^^® + Ti — > seBa^ + seKr^ + ? (3) 

It was assumed that only two atomic nuclei were formed. If 
Ba with an atomic number of 56 was one of these, then the 
other must be the element the atomic number of which is 
92 — 56 = 36, or krypton. (This assumption was later con- 
firmed by experiment.) But it was apparent that in this 
reaction there were too many neutrons. These were spilled 
over, so to speak. It was this deduction that led to the idea 
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of the chain reaction and to the great possibility of tlie A-bomb 
and atomic power. The other factor in Dr. Meitner's considera- 
tion was the energies involved. To follow her reasoning fur- 
ther, let us now calculate the energy released when reacting 
with a neutron, dissociates into barium and krypton. To do 
this, we shall consider only the average line — the solid line — 
of Figure 14.1, and, therefore, make a ver^' rough calculation. 
The packing fraction of uranium is +3.6; that of barium is 
about —6; and that for krypton is about —8. The av^erage 

packing fraction for the products of the reaction is 

9 


= -7. So the difference in packing fraction between 
and its products is rouglily +3.7 - (-7) = 10.7. The differ- 
ence, 10.7, means that in tlie reaction involving one gram atom 


of the mass has decreased 


10.7 


X 235 or 0.25 gram. Ac- 


10,000 

cording to equation (2) this mass change is equal to 2.5 x 10“^ 
grams x 9 X lO^^ cm = 2.2 x 10^° ergs. This value is equiva- 
lent to about 220 Mev (million electron volts). Within our 
rough calculations this checks with the experimentally de- 
termined energy release. This is an added confirmation of 
equation (2). One gram of TNT upon explosion releases about 
4x10® ergs. So one gram atom of U-'^^ if every atom under- 
went fission, would yield the equivalent of ^ = 5 x lO^ 

4 ^ 10 *® ^ * 


grams, or about 5,000 tons of TNT. The A-bombs explod- 
ed m World War II were rated at 20,000 tons of TNT or 
equivalent to about 1 kilogram (2.2 pounds) of exploding U-*b 
Of course, the efficiency of exploding the was not 100 per- 
cent, so a greater amount than this was used. Later we shall 
use Table 28 to consider the energies possible with an H-bomb 

Radioactivity. The “mass defect” or the packing fraction 

forms one criterion of the stability of the nucleus. Another 

criterion is that involving the “decay” of the most unstable 
oi the isotopes. 

In 1896, long before we were able to make artificial radio- 
active isotopes m the laboratory, Becquerel, a French physicist 
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discovered radioactivity in uranium ores. His first results 
showed that uranium ores and particularly uranium salts had 
the property of blackening a photographic plate, even though 
the photographic plate was protected bj an ordinary wrapper 
against light. In 1898, Pierre and Mprie Curie began their 
experiments of isolating the radioactive substance which was 
contained in these ores. It was found to be radium. 

Later it was shown that radioactivity could be ascribed to 
other elements related in a way to uranium and thorium, and 
that it manifested itself in three ways. In terms of knowledge 
gained later, these three processes involve the emission from 
the nuclei of radioactive elements of (1) alpha particles (the 
nuclei of helium atoms, 2 He*) ; (2) beta particles (electrons); 
and (3) gamma rays or short X-rays (electromagnetic waves 
of very high frequency, i.e., high energy quanta). It was 
found, for example, that uranium 234 “decayed” into thorium 
230 by emitting an alpha particle; 

92U=*^‘' ^ 9oTh«» + 2He^ (4) 

Note that the subscripts (+ charges) and superscripts (mass 
numbers) must balance in an equation of this kind. Thorium 
230 (or ionium) then decays into radium 226 by the emission 
of another alpha particle: 

9oTh=^'> ssRa^^® + .He^ (5) 

This process of decay continues but not always with the emis- 
sion of an alpha particle. In some cases beta particles or 
electrons are emitted from the nucleus. When an alpha par- 
ticle is emitted, the nucleus loses 2 plus charges and therefore 
the outer electronic shell must rearrange in order to lose two 
electrons. Likewise when the nucleus loses an electron it 
gains one positive charge and an additional electron must be 
added to the electronic structure. From these radioactive 
observations it seems clear that the alpha particles, 2 He^ are 
particularly stable. 

From our more modern concept of the structure of the 
nucleus we must conclude that the emission of a beta particle 
involves the disruption of a nuclear neutron 
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n (nuclear) p (nuclear) + e~ 

The emission of gamma rays usually accompanies the emission 
of either alpha or beta particles. The final stable product of 
disintegration of uranium and thorium is lead, 82 Pb-®^ 

and It should be noted that the naturally occurring 

radioactive, and therefore unstable, isotopes are among the 
heaviest elements known. 

The rate of decay of these isotopes varies greatly. In general, 
the greater the instability, as measured by the kinetic energy 
of the emitted particles, the faster is the rate of decay. The 
rate of decay, i.e., the rate of nuclear reaction, is measured in 
terms of “half life.” The half life of any isotope is the period 
which is necessary for the number of the existing particles of 
the species to be reduced to one-half. The half life of is 

7 X 10® or 700,000,000 years. This means that after a lapse 
of 7 X 10® j^ears one-half of the atoms originally present 

are still in existence. After another 7 X 10® vears one-half of the 
second batch are still “alive.” In other words, after 2x7 XlO® 
years, ^ X J or 5 of the original amount are still existent. 
One-half of any number present will decay in 7 X 10® years 
regardless of past history. 

The half lives of some examples of the naturally occurring 
radioactive isotopes are: 



In the above illustrations it must be apparent that the short- 
lived isotopes cannot be present in any appreciable quantities 
in nature. Their properties must be caught “on the fly” in the 
laboratory. 

While most of the naturally occurring radioactive elements 
are present among the heaviest elements known, there are a 
few among those with lower mass numbers; notably with 
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a half life of 4.5 X 10^® years and with a half life of 6 X 10^® 
years. 

When the elements were first formed undoubtedly a large 
number of them had radioactive isotopes, but these have de- 
caj'^ed into the stable non-radioactive isotopes now present 
on earth. 

Today it is possible to produce a great number of different 
kinds of isotopes by irradiating the non-radioactive isotopes 
with neutrons in our atomic piles or nuclear reactors For ex- 
ample, 27C0®® can be readily produced by irradiating 27Co^® 
with neutrons. Cobalt-60 is a very active emitter of high 
energy gamma rays but it also emits beta rays with a half 
life of 5.3 years. As a result, it is today replacing radium for 
therapeutic purposes. The reaction for the formation of Co®® is 


27C0®® + n = 27C0®® + y {gamma ra3’'s) (6) 

Equation (6) can be written in the abbreviated form 

Co®® (n, y) Co®® (7) 

The decay reaction is 

27C0®® 28Ni®® + /3“ (beta particle) -f- y (8) 

A very useful isotope, Na^^, with a half life of 14.8 hours can 
be produced by the reaction 

iiNa23 ^ ^ ^^Na24 + y (9) 

The decsiy reaction of Na®^ is 

xiNa^-* ^ + T (10) 


By means of such reactions many useful isotopes are now pro- 
duced by the Atomic Energy Commission and are available 
to science and industry' for research, anal^^tical, and medical 

purposes. 

The Fission Reaction, The most important nuclear re- 
action of our time is that of the fission (splitting) of the 
nucleus. Previous to Hahn^s and Strassman's discover^' of 
fission in 1939, the largest particle emitted b^' the nucleus was 
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the alpha particle with a mass number of 4. In the fission 
process the nucleus of the uranium atom breaks into two major 
parts with a sprinkling of extra neutrons. The fission reaction 

is + n — > A + + x/i (11) 


A and B are related in that the sum of their charges must be 
equal to 92. There are more than twenty different wa^'s in which 


can undergo fis- 
sion. One of these has 
been mentioned al- 
read}^, i.e., breaking 
up into barium and 
krypton. About 6 per- 
cent of all fissions of 
result in the formation 
of barium and krypton. 
The others distribute 
themselves in accord- 
ance with the curve 
shown in Figure 14.2. 
The fission products are 
not usually the ordinary 
stable isotopes but are 
radioactive. However, 
the end products of de- 
cay of the fission prod- 
ucts are stable isotopes. 

One can visualize the 



fission process in the 


Mass Number 


following way. When FIG. 14.2 The fission yield as related to 
the neutron enters the number. The two peaks represent 

nucleus it momen- related ion pairs. 


tarily forms This nucleus is very unstable and undergoes 

vibrational motion just as a drop of water undergoes vibration 
when It is disturljed. This vibration gets so severe that, like the 
water droplet, it breaks into two parts but, in doing so, some 
minute droplets, neutrons, are splashed out. For every^ 
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fission which takes place, about two and one-half neutrons, on 
the average, are splashed out. In the A-bomb and in the nuclear 
reactor these two and one-half neutrons serve as potential 
triggering particles for the fission of more nuclei. These 
two and one-half neutrons could, under ideal conditions, pro- 
duce 2.5 X 2.5 X 2.5 or 15.6 neutrons, on the average and 
these in turn could trigger the fission of this same number 



^ Uranium Nuclei 
O Fission Products 
• Neutrons 


FIG. 14.3 The fission chain reaction. 

U235 nuclei. Thus a chain reaction is set up, as shown sche- 
matically in Figure 14.3. In the A-bomb the whole reaction 
takes place in less than 10“® (or one-millionth) second. 

Transuranic Elements. Previous to World War II the 
heaviest element k nown was uranium, with an atomic number 
of 92. The heaviest element now known is Californium with 

an atomic number of 98. 

Discoveries early in the war years led to the establishment 
of a huge plant for the production of plutonium-239, an 
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isotope which, like is capable of neutron fission. 94 Pu“® is 
produced by the following reactions: 

92U2^» + n (12) 

^ gsNp-^® + /3“ (23 minutes half life) (13) 
gaNp^^® ^ 94 Pu^^® + (2.3 da^'s half life) (14) 


Uranium-238 is converted into uranium-239; this decays to 
neptunium-239 ; which, in turn decays to plutonium-239. 
The neutrons are supplied by the fission of U-235 in accordance 
with equation (11). These reactions were all carried out in 
nuclear reactors. By the time the war ended two new ele- 
ments were officially added to the periodic table, namely, 
neptunium and plutonium. Since 1946, four more transuranic 
elements have been produced by Professor G. T. Seaborg and 
his collaborators at the University of California. These ele- 
ments are americium, curium, berkelium, and californium, 
with atomic numbers of 95, 96, 97, and 98, respectiv^ely. 
They are all radioactive. 

Fusion Reactions. These reactions involve the reactions 
between two light nuclei. Because of the electrostatic re- 
pulsions between nuclei, these reactions can only take place 
when the kinetic energies of the two nuclei, with respect to 
each other, are so great that penetration of one into the other 
is possible. At low relative velocities the two colliding nuclei 
repel each other and are deflected apart. Fusion, as well as 
fission, reactions can be made to take place in the laboratory 
by accelerating one nucleus by an electric field to a very high 
velocity and then directing it at a target which contains the 
nuclei to be bombarded. These reactions also take place in 
the hottest stars and in the heat center of an A-bomb. The 
temperature must be in the neighborhood of 100,000,000'^ C. 
Only the lightest nuclei can undergo such reactions, for with 
nuclei of greater charge the electrostatic repulsive forces be- 
come too great for the penetration of one nucleus into the 
other. 

Let us calculate the energies evolved for a few of these re- 
actions. In all cases we shall assume that the relative velocities 
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of the particles are great enough for penetration of the nuclei. 
The first reaction for consideration is that between two deuter- 
ons (deuterium nuclei) to produce 2 He^ and a neutron. 

iH2 + iH^ ^ 2He3 + on^ (15) 

Referring to Table 28, we determine the sum of the masses of 
the members of the left-hand side of the equation and sub- 
tract the sum of the masses on the right-hand side. 

Mass of two = 2 x 2.0147 = 4.0294 

Mass of 2 He^ = 3.01711 

Mass of n = 1.0090/ 

Difference = 0.0033 

Therefore, when about 4 grams of deuterium react, according 
to equation (15), the loss in mass is 0.0033 grams. If one kilo- 
gram of this substance reacts, then the loss in weight is 

X 0.0033 = 0.825 gram. 

Using the Einstein relationship that AiJ = Am x 

AE = 0.825 X 9 X 10^® gram cm.^ sec."^ 

= 7.4 X 10^® ergs. 

Let us compare this energy release with TNT. One gram of 
TNT, on exploding, releases 4 X 10^® ergs. So one kilogram 
(about 2.2 pounds) of deuterium reacting in the above fashion 

7 4 X 10^® 

releases a TNT equivalent of ^ ^ or 1*85 X 10^® grams — 

1.85x10' kilograms, or 1.85x10^ metric tons, or about 
20,000 tons of TNT. This is about the same amount of energy 

released by 1 kilogram of upon fission. 

Another possible fusion reaction to consider is that between 

tritium and deuterium, iH^ nuclei. The reaction is 

+ iH2 ^ 2He^ + o/i' (16) 

The sum of the masses on the left-hand side of the ''equa- 
tion'' is 2.0147-1-3.0171 = 5.0318. The sura of the masses 
on the right side is 4.0039 + 1.0090 = 5.0129. The difference 
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in mass, i.e., the mass lost in the reaction, is 5.031S - 5.0129 
= .0189 gram. For 2 grams of iH- plus 3 grams of iH\ the loss 
in mass is 0.0189 grams. For one kilogram of the mixture 
(400 grams of iH- and 600 grams of ili'*), the loss in mass, 

upon reaction, is X 0.0189 = 3.78 gm. Pound for pound 

this is about four and one-half times the energy released by the 
fission of 

These are some of the reactions that probably take place in 
the explosion of the H-bomb. A very high temperature is 
necessary to initiate these reactions. The explosion of an 
A-bomb is one means for providing this temperature. 

Applications of Radioactive Isotopes to Analysis. The 
radioactive isotopes differ from the non-radioactive isotopes of 
a given element in that the nuclei are difierent. The outer 
electronic structures of the different isotopes are the same 
and hence the chemical reactions are the same. However, 
tlie radioactive atoms differ in that they emit radioactive 
particles upon decay. Radioactive isotopes can then be used 
as tracers to follow the course of a reaction and, in fact, to 
make analytical determinations of a particular element. They 
are used in a great variety of ways in scientific research 
work. The following are only a very few examples. 

Suppose we should like to determine the solubility of FeS 

in a very dilute acid solution. We would first add a known 

« 

amount of radioactive iron atoms to a relatively large amount 
of non-radioactive iron atoms. (Suppose that one iron atom 
in every million is radioactive.) We would then convert the 
iron atoms to FeS. The FeS would then be placed in the dilute 
acid solution and equilibrium attained by shaking the mixture 
for a long time. The undissolved FeS then would be filtered 
off and the solution tested for its radioactivity by means of a 
Geiger counter. From the intensity of the gamma radiation 
emitted, the amount of FeS that had dissolved can be cal- 
culated. 

Again, suppose we wish to determine the amount of iron in 
blood by the tracer teelmi<iue. One procedure for carrying out 
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this analysis is as follows. A known amount of a radioactive 
iron salt is added to the drawn blood. The blood solution is 
then dried and ignited to burn away all the organic matter. 
Through the appropriate chemical reactions the iron (not 
necessarily all of it) is converted into relatively pure Fe 203 
and weighed. The radioactivity of the Fe 203 is also deter- 
mined. Since we know how much radioactive iron was added 
to the solution we can determine the total iron in the blood. 
To illustrate: suppose that the iron added to the blood con- 
tained one radioactive atom out of every hundred iron atoms 
and suppose we add 0.1 mg. of this tracer. Suppose further 
that the Fe 203 formed was found to contain one atom of 
radioactive iron for every 10,000 iron atoms. We then know 
that the tracer solution had been diluted 100 times; i.e., there 
was 100 times as much iron in the blood as was added. There- 
fore the amount of iron in the blood sample would be 100 X 0.1 
mg. or 10 mg. 

Suppose that the inner wall of the cylinder of an automobile 
engine is made radioactive. The wear of the cylinder wall 
upon running the engine can be readily determined by measur- 
ing the radioactivity found in the lubricating oil after different 
periods of time. This technique can measure the loss of one- 
millionth of an inch from the cylinder wall and it is, therefore, 
a very rapid method as compared with an old technique of 
running the engine hundreds of hours, tearing it down, and 
measuring the diameter of the bore. 

The most useful of all the tracers is carbon-14; or with 
a half-Ufe of about 5,700 years. This isotope is now produced 
and distributed in the form of various compounds by the 
Atomic Energy Commission in relatively large quantities. The 
formation reaction is 

+ on^ (17) 

The decay reaction is ^ H- /3“. By making biological 

compounds of this tracer it is possible to determine many of 
the reactions which take place in the life processes of plants 
nnd animals. 
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Radiocarbon Dating, The cosmic rays, that originate 
in interstellar space and penetrate the earth's atmosphere, 
collide with matter in the atmosphere and produce neutrons. 
It has been shown that the number of such neutrons that 
reach the earth's surface is approximately^ one per second 
for each square centimeter of area. These neutrons encounter 
nitrogen atoms of the atmosphere (the atmosphere is com- 
posed of approximately 80 percent nitrogen) and, as a result, 
carbon-14 is produced in accordance with equation (17). 
This carbon combines with the oxygen of the atmosphere 
(20 percent composition) to form carbon dioxide containing 
radioactive carbon-14 nuclei having a half-life of about 5700 
years. Carbon dioxide of the atmosphere is absorbed by 
plants to form starches and sugars with the liberation of 
oxygen. All animal life consumes plants for food; further- 
more, the human race not only consumes plants but meat 
from animals as well. In other words, there exists in the 
plant and animal kingdoms an equilibrium as far as carbon-14 
is concerned. It is produced as fast as it disappears by radio- 
active decav. 

W hen any part of the plant or animal kingdom is removed 
from the equilibrium cycle, either by death or by its inacces- 
sibility to carbon dioxide (containing radioactive carbon) 
necessary for growth, the carbon-14 present decays with a 
half-life of about 5700 years. By measuring the carbon-14 
content of ancient materials, that have been removed from 
the equilibrium cycle, it is readily possible to determine the 
age of the materials. The material may be the cloth wrap- 
ping of an Egyptian mummy, the wood of an ancient red- 
wood, the wood buried in a glacier of the last ice age, or the 
hemp of sandals found in caves used by early western habita- 
tion in the United States. 

It is evident that carbon-14 may be used as a tracer to 
determine the age of many objects of archaeological interest, 
as they refer to ancient peoples, the last ice age, and to 
ancient civilizations. Professor W. F. Libby of the Uni- 
versity of Chicago has developed and made use of this pro- 
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cedure to date hundreds of events of archaeological interest. 
He has been somewhat limited in the extent of his studies 
by the half-life of carbon-14. Twenty-thousand years is 
about the limit of time for dating since this is nearly four 
half-lives of carbon-14. Since 2** equals 16 and Ke equals 
about 7 percent, it means that the decay of carbon-14 in 
20,000 years takes place to the extent of 93 percent, and that 
only 7 percent of the radioactive carbon remains. It is very 
difficult indeed to measure the activity of any sample lower 
than bhis. One thousand years is about one-sixth of a half- 
life. Accordingly, it is very difficult to determine the age of 
samples less than 1000 years old. As a result, most of the 
reliable results fall in the age range of 1000 years to 20,000 
years. 

While radioactive tracers are not usually employed for 
routine analysis, they have already demonstrated their use- 
fulness in scientific research. 

The Age of the Earth and the Origin of the Elements* 
From the products of radioactive decay of some of the heavy 
radioactive elements occurring in minerals it is possible to 
determine the length of time that has lapsed since that mineral 
solidified. The radioactive elements which may be considered 
for this purpose are and Th^^^. Each of these ele- 

ments decays through a chain of radioactive reactions and the 
chain stops when lead is formed. The lead isotopes which are 
the end products of the decay reactions of the above named 
isotopes are Pb^o®, Pb^^^ and Pb^^^, respectively. 

Since we know the half lives of all the members of the chain 
then, if we can determine the relative amount of, e.g., 
and Pb^®" in the same mineral, we can calculate the age of 
the mineral containing the radioactive isotopes. In making 
such determinations we must be sure that the mineral con- 
tains no naturally occurring lead. To ascertain this it is 
necessary to determine the amount of Pb-“^ present. This 
particular isotope does not result from radioactive decay. 
What is really" determined is the ratio of Pb^°' to Pb-°^ An- 
other factor the investigator must take into account is the 
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possibility that some of the lead has been leached out of the 
rock. He can check this by getting the ratio of the amounts 
of the isotopes Pb-®® to Pb^®^ One is the result of the decay 
of and its ‘"daughter” and the other comes from 
Since the two chains do not decay at the same rate, this ratio 
may be used to calculate the age of the mineral. By these 
means the oldest age of various minerals has been determined 
to be between two and three billion 3'ears. 

Another method is that of determining the helium and ura- 
nium contents of the minerals. Since the process of decay of 
the uranium isotopes, as well as the rates, is known, it is possible 
to determine the age of the mineral by analyzing the mineral 
for both uranium and the alpha particles which have become 
trapped as helium. In this case the assumption is made that 
none of the helium atoms have escaped. Obviously a small 
amount of helium will nevertheless escape so the value ob- 
tained by this method is a minimum one. The age of the crust 
of the earth and the age of meteorites has been determined b\' 
this method to be about two billion vears. 

V 

These observations, together with the astronomical obser- 
vations of the expanding universe, have led many scientists to 
seriously consider the hypothesis that our whole universe was 
formed in one gigantic explosion some three and one-half billion 
years ago. Astronomers have shown that all the stars and even 
other universes are receding from us at a very rapid rate. This 
rate is determined by the Doppler shift of the spectral lines. 
Everyone has noted the fact that the pitch of the whistle of 
a locomotive is lowered as it is going away from the listener. 
As the locomotive approaches the listener, the whistle is high- 
pitched, and as soon as it passes it abruptly changes to a low 
pitch. The lowering of the pitch is related to the ratio of the 
velocity of the locomotive to the velocity of sound. Likewise, 
a star moving away from us gives off a lower frequency of any 
one of the hydrogen lines than it would if it were stationarv 

w 

* The student is advised to consult a text in general chemistry for a descrip- 

tion of the decay processes of the three radioactive series originating with U®**, 
and Th*^*, respectively. 
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with respect to the earth. By observations of this kind we 
find that all stars are moving outward. On the basis of these 
observations it has been calculated that all the stars, and even 
the other galaxies^ began moving out from a region not too 
far from our solar system about three and one-half billion 
3 ^ears ago. 

One theory proposed by G. Gamow, an American astrophysi- 
cist, is that there once existed a great concentration of energy 
or mass (the two are equivalent; see equation 2), the dictionar}' 
name for which is ylem. It is defined as the primordial sub- 
stance from which the elements are supposed to have been 
made. Perhaps in this explosion great quantities of neutrons 
were formed. The neutrons then decomposed into protons 
and electrons (half-life 15 minutes), and these then combined 
to form the nuclei and then the atoms. These nuclei were 
mostly radioactive and deca^^ed into the present stable isotopes. 
Logical explanations of the formation and the distribution of 
our present elements can be made on this hypothesis. 

This hypothesis is, of course, highly speculative. However, 
the two entirely different sets of data corroborate rather than 
deny such an hypothesis. Such an assumption nevertheless 
emphasizes the fact that there is much about nature that we 
do not yet know. 
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Mathematical Operations 

III designing the problems for this course, simplicity of mathe- 
matical operations has been one of the chief objectives. Since the 
primary purpose of these problems is the de\'elopment of an under- 
standing of chemical equilibrium, difficulties with mathematics would 
tend to impair the progress of the student. There are, however, a 
few simple mathematical operations, notations and concepts with 
which it is impossible to dispense. These are given in the nature of 
a review since it is assumed that the student is familiar with the 
simplest algebra and the use of logarithms. 


The Use of Exponents. The small size and the large num- 
bers of molecules with which we have to deal make it necessarv 
to use numbers that are often beyond everyday range of 
thought. For example, there are 006,000,000,000,000,000,000,- 
000 molecules in 1 mole or 1 gram molecule of any substance. 
Instead of expressing the number in this manner we use an 
abbreviated form, 6.06 x lO-*’^ (6.06 times ten to the twenty- 
third power). The factor 10-^ is equivalent to moving the 
decimal point twenty-three places to the right in the number 
6.06. The number 2000 may be written 2 X 10^, that is, 
2 X 1000, for 10'^ is the product obtained when 10 is multiplied 
by itself 3 times: i.e., 10 X 10 X 10. One million would be 10^ 
and one billion, 10^. The number 206,000 could be written in 
anv one of the following wavs: 

0.206 X lO** 206 X 10* 

2.06 X 10* 2060 X 10* 

20.6 X 10' 20600 X 10 

The first, second, or third of these are obviously the most 
convenient. 

Xumhers very much smaller than 1 are expressed in a similar 
manner. Two-millionths may be written .000002, but for 
convenience it is better to write it as 2 x 10-« (2 times ten to 
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the minus sixth power). In order to convert the second form 
to the first it is necessary merely to move the decimal point 
six places to the left. It is the same as 2/10®, that is, two 
divided by one million. Again, this number could be written 
in any of the following forms: 

2.0 X 10-® .002 X 10-® 

0.2 X 10-® .0002 X 10-2 

.02 X 10-" .00002 X 10-1 

.000002 

The first two of these forms are the most convenient. The 
number 10-® is the same as 0.1 X 0.1 X 0.1 X 0.1 X 0.1 X 0.1. 

The use of the exponential form greatly facilitates the multi- 
plication and division of either large or small numbers. In 
multiplying two purely exponential numbers the exponents 
are added, and this algebraic sum is used as the exponent of 
the answer. , Examples : 

10® X 10® = 10® 

10® X 10-2 = 10 
10®® X 10-® = 1012 

Multiplying 4 X 10^ bj’ 6 X 10^ becomes 24 X 10“, that is, 
(4 X 6) X (102+^). Likewise, 

6000 X 210 = 6 X 10® X 2.1 x 10® = 12.6 X 10® 

420 X 0.000036 = 4.2 x 10® X 3.6 X 10-® = 15.12 X 10“® 
.00012 X .00007 = 1.2 X 10-" x 7.0 X 10-® = 8.4 X 10-®. 

The reverse operation is performed by dividing one number 

by another. For the purely exponential part of the number 

% 

the exponent of the divisor is subtracted algebraical!}' from 
that of the dividend and the algebraic difference is used as the 
exponent of the answer. Thus, 

10® divided by 10- = 10^ 

Examples of division are: 

. X ,<.^4 0 mo 4x10' /4\ /10'\ 

(a) 4 X 10 : 2 X 10- - 2 ^ ^ ( 102 ) 

= 2 X 102 
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(b) 4 X 10^ - 8 X 10-'= = Q) X = 0.5 X 

= 0.5 X 10'+" = 0.5 X 10"= 

(c) 3.2 X 10-" - 4 X 10-s = X (j^o) = 0.8 X 10-"-<-»> 

= 0.8 X 10-’+'' = 0.8 X 10' = 8 X 10^ 

Since the squaring of any number is the operation of multi- 
plying the number by itself, (2 x lO'O' becomes, 

2 X 10" • 2 X 10" or 4 X 10“^ 

In extracting a square root of a purely exponential number, 
the exponent is merely divided bv two and used in the answer: 

X V ^ 

- lO’^ 

The square root of 4 X 10“^ = \^4 x x^'lO”^ = 2 X 10“-. It is 
essential that the exponent be an even number in order to 
simplify the procedure; if it should not be an even number it 
may be easily changed as shown in the following cases: 

(a) Vo A X 10^ = V4 X 10^ 

(or (4 X 10^)^) = Vi X VlO^ = 2 X 102 

(b) V2.5 X 10“" = V25 X 10’*« 

(or (25 X 10-i«)^) = 5 X 10“^ 

(c) V8rx"W = (81 X 10*^)^ = 9 X 10^ 

The exponent ^ may be substituted for the usual square root 
sign. Thus V2 is the same as 2^, and VS X 10'-, the same as 

(3 X 102)^. 

The Use of Logarithms and Exponential Numbers^ 
The common logarithm of any number is the power to which 
the number 10 must be raised to equal that number. Thus 
the logarithm of 1000 is 3, that is, the number 10 must be raised 
to the third power to be equal to 1000. Examples: 
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Number 

1000 

100000 

10 

1 

.01 

.00001 


Number expressed 
exponentially 

10 ^ 

10 ® 

101 

lO® 

10-2 

10 -® 


Logarithm 

3 

5 

1 

0 * 

-2 

-5 


To what power must 10 be raised to equal 50? Obviously, 
the value of this exponent must be between 1 and 2, for 50 
lies between 10, the common logarithm of which is 1, and 100, 
the common logarithm of which is 2. The logarithm of 50 is 
1.6990, that is, 50 = When the exponent of 10 is not 

a whole number, we cannot give it the same simple interpre- 
tation as was done in the previous section. For example, to 
move the decimal point 1.6990 places to the right has no mean- 
ing. Nevertheless, any number may be expressed entirely in 
the exponential form. Examples are: 


Number 


20 

310 

.013 


Logarithm of 
number 

1.3010 

2.4914 

-1.8861 


Number expressed 
exponentially 

2Q1.3010 

2Q2.4914 

2Q-1.8861 


What was stated previously regarding the multiplication of 
exponential numbers applies here; that is, for multiplication 
the exponents are added, and for division, the exponents are 
subtracted. Thus, 


20 X 310 = lO* ®®!® X 102 = 102 752^ = 6200 

(The logarithm of 6200 is 3.7924.) 

The exponent in question may be found in logarithm tables 
provided for this purpose. Accordingly, the procedure used 
to obtain the product of anj^ two or more numbers by the use of 
logarithms is as follows: The logarithms of the numbers are 


* Any finite number raised to the zero power is equal to 1. 
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taken from the tables and added. This sum of logarithms is 
the logarithm of the product of the original numbers which 
again may be obtained from the tables. Thus, to multiply 20 
by 310 we add the logarithms of these numbers, 1.3010 and 
2.4914, which gives 3.7924. By referring to the logarithm 
tables we find that the number 6200 corresponds to the 
logarithm 3.7924. 

Similarly, in the process of division, the logarithms are 
subtracted. In order to divide 6240 by 39 we first find the 
logarithms for these numbers, 3.7952 and 1.5911, respectively. 
Subtracting the second from the first we obtain 2.2041 which, 
by referring to the tables, we find corresponds to 160, the 
answer. Another example is: Divide 3913 by 13.* 

Logarithm of 3913 = 3.5925 
Logarithm of 13 = 1.1139 
Logarithm answer = 2.4786 

The answer is 301 since it is the number which corresponds 
to the logarithm whose value is 2.4786, 

Every logarithm is made up of two parts, the characteristic 
and the mantissa. The characteristic is that part of the 
logarithm which lies to the left of the decimal point, and the 
mantissa that part to the right of it. If the logarithm of a num- 
ber is 4.3060, the characteristic is 4 and the mantissa is .3060. 
Only the mantissa is found in the logarithm table since the 
characteristic merely depends upon the position of the decimal 
point. For example, the logarithm for 316 is found in the 
tables to be 4996, which is only the mantissa. The char- 
acteristic is one less than the number of digits in the number 
316, that is, 3 —1 or 2. So the logarithm for the number 316 
is 2.4996 (or .4496 -1- 2). It will be observed that the mantissae 
for the logarithms of the numbers 316, 31.6 and 3.16 are all 
the same; only the characteristics are different: 2, 1 and 0 
respectively. 

The significance of the mantissa and the characteristic can 

* In actual practice it would not l)e practical to use logarithms for such a 
simple case. 



346 


APPENDIX 


perhaps be better understood from the following considerations. 
The number 316 may be written 3.16 x lO^, 

logarithm of (3,16 X 10^) = logarithm of 3.16 + logarithm of 10^ 
logarithm of (3.16 x 10^) = .4996 (mantissa)+2 (characteristic) 
or logarithm of 316 = 2.4996 

The logarithm of any number less than 1 has a negative 
value and great care must be used in dealing with such loga- 
rithms to avoid mistakes and confusion. The logarithm of 
such a number may be obtained easily by the same procedure 

as that given above. For example, the logarithm of .00316 is 
obtained as follows: 


.00316 = 3.16 X 10-3 

logarithm of .00316 = logarithm of 3.16 + logarithm of 10“^ 

= .4996 + (-3) = .4996 - 3 - - 2.5004 

The logarithm of any number less than 1 is usually not ex- 
pressed entirel}’’ as a negative number. For example the loga- 
rithm of .00316 usually would not be expressed as -2.5004 but 
rathei as .4996 — 3. The abbreviated form for this last ex- 
pression is 3.4996 or 7.4996 — 10. The reason for adopting 
this usage is that in this form the mantissae are alwa3'S added 

in the process of multiplication; onl}' the characteristics have 
negative values. 

The characteristic of the logarithm of a number less than 1 
is CQual in magnitude to otie ttiore than the number of zeros 
between the first significant figure and the decimal point, and 
has a negative value. Thus the characteristic of the logarithm 
of .0013 is - 3, and that of the logarithm of .00006 is - 5. The 
logarithm of .0013 is then .1139 - 3. (This would be equal to 
-2.8861 but for convenience is written as 3.1139 or usually 
7.1139 - 10.) 


Examples: 

Number 



.0167 

.000003 

.764 


Logarithm 

8.2227 - 10 or 2.2227 
4.4771 — 10 or 6.4771 
9.8831 - 10 or 1.8831 
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(b) Divide 6309 by .0009 

Logarithm 6300 = 3.7993 or 13.7993 — 10 
Logarithm .0009 = 4.9542 or 6.9542 — 10 
Log of answer 6.8451 6.8451 

Answer is 7,000,000 or 7.00 X 10®. 


(c) Multiply .0016 by .0131 

Logarithm .0016 — 3.2041 or 
Logarithm .0131 = 2.1173 or 

Log answer = 5.3214 


7.2041 - 10 
8.1173 - 10 

5.3214 - 20 (or 5.3214 - 10) 


Answer is .00002096 or 2.096 X 10'® 


To convert any number into a exponential number on the 
base 10, it is necessary to use logarithms. Thus, to convert 
the number 50 into an exponential number we first find the 
logarithm of 50, which is 1.6990. The logarithm then becomes 
the exponent of the number 10, 

50 = 


The exponential number corresponding to .000005 or 5 X 10 ® 
is 10"®®®**^. The logarithm of (5 X 10“®) = log 5 + log 10“® 
= 0.6990 - 6. So 5 X 10“® = 10.®‘-*‘-’«-® = 10“® "''^®. 


The Evaluation of the Hydrogen Ion Concentration 
(pH values). For convenience, the concentration of the hy- 
drogen ion is often expressed in terms of pH values. The pH 
value for any solution is defined as the logarithm of the 
reciprocal of the concentration of the hydrogen ion, that is, 


pH = log 


The calculation of the pH value of any 


solution for which the concentration of the H"^ ion is known 
is a simple operation if the text of the foregoing paragraph 
is understood. For example, let us find the pH of a solution, 
the hydrogen ion concentration of which is 5.3 X 10“® mole 
per liter. 

?jH = log 5~ 3 ^ ^Q -6 = log 1 - log (5.3 X 10-'') 


= —log (5.3 X 10 •') = — log 5.3 — log 10-® 

= —0.72 (approximately) - (-0) = - 0.72 + 6 = 5.28 
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The pH value is 5.28 or approximately 5.3. Without regard 

for the thought processes or definitions involved, the procedure 

is to find the logarithm of the concentration j change the sign, 

and the result is the pH value. Example; Find the pH value 

of a solution the hydrogen ion concentration of which is 
7 X 10-^ 

log (7 X 10-9) = log 7 + log 10-9 = 0.85 - 9 = - 8.15 

The pH value is accordingly 8.15. 

Conversel 3 % the hydrogen ion concentration may be found 
bj leversing the process. Example; Find the hydrogen ion 
concentration for a solution the pH value of which is 4.3. 

log concentration H+ ion = - 4.3 = 0.7 - 5 = 5.7 

= log 5 + log 10-9 
(log of 5 is approximately 0.7) 

So the concentration of the hj^drogen ion is 5 X 10“®. 

Significant Figures and Precision Necessary in Solving 
Equations. If the population of a city were given as 576,334. 
it is obvious that the last three figures have no meaning, for 
enough deaths and births took place during the making of the 
record to change these figures an unpredictable amount. It 
would, therefore, be quite as accurate — even more accurate — 
to say that the population of the city was 576,000. At a given 
time, only the first three figures would have anj' meaning and 
possibly the third figure would also be of no significance, de- 
pending upon the time and method of taking the census. In 
giving any information in terms of numerical values onlv as 
many significant figures should be used as the accuracv war- 
rants. It would be incorrect to saj^ that one’s weight is 126.3 
pounds if it is known that the scale used was not accurate to 
more than a pound. Even though the scale registered 126.3 
pounds it could not be relied upon to be accurate enough for 
this figure, so 126 pounds would give better information. Al- 
though the scale might be ver^’ accurate, the weight of the 
human body varies sufficienth' during the da 3 ’ to make this 
accuracy of no significance. 
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In giving the concentration of a substance in solution, again 
as many significant figures should be used as the experimental 
information justifies. Thus, if approximately 200 ml. of 1 
molar HCl solution were mixed with approximately 800 ml. 
of water, the concentration of the HCl in the final solution 
would be expressed as 0.2 molar and not 0.20 molar. The 
addition of the zero after 0.2 would indicate that the accuracy 
with which the concentration of the solution was known was 
about .01 molar, that the solution was not 0.19 molar nor 0.21 
molar, but nearer 0.20 molar. Obviously, the manner in 
which the solution was prepared does not justify this accuracy. 
To know what figures are to be regarded as significant is often 
too much to ask of students in the more elementarv courses of 
chemistry. It involves a complete understanding of the 
methods employed in obtaining the data from an experiment. 

The precision employed in making any calculation should 
depend upon the expected accuracy of the result. For most 
problems in this course an accuracy of 10 percent in the answer 
is quite sufficient. In most cases the experimental conditions 
are such as to render any greater accuracy unnecessary. With 
this in mind, calculations and algebraic solutions can be 
greatly simplified. Example: Find the value of X in the 
following equation. (Only an accuracy within 10 percent is 
required.) 


X 

(3 - X) 


.003 


By neglecting the X in the term (3 — X) and letting 3 — X 
be approximately equal to 3, we have 


~ = .003 
X = .009 

We neglected X in the term (3 - X) because it could be seen 
by inspection that X was small as compared with 3. The X 
can onlt/ be neglected in a term in which it is added to or sub- 
tracted from some number which is much larger than X itself. 
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Further consideration of such solutions applied to specific ex- 
amples is given in the main text of this book. 

The Solution of Quadratic Equations. All quadratic 
equations may be expressed in the following form: 

aX- + + c = 0, 

in which equation the coefficients a, 6, and c may have positive 
or negative values. Such an equation has two roots; some- 
times these roots are imaginary. However, equations con- 
structed from physical data always have real roots, and of 
these real roots only those having positive values are of any 
significance. 

The general solution of the above equation is given as 



The value of X may be obtained by merely substituting the 
numerical values of a, 6, and c into the above form. Example: 
Solve the equation 

X2 + .OIX - 4 X 10-6 = 0 
(a = 1, 6 = .01 and c = — 4 x 10 “ 6 ) 

^ - .01 ± V(.01)2+ 16 X 10-« 

A 2 

- .01 ± Vi.ie X 10-^ 

2 

- .01 db .01077 

2 

= - .010385 or + .000385 

If X in this problem represents some physical quantit}' such 
as the concentration of the hydrogen ion, only the positive 
value of X has a ph 3 'sical significance, and 

X = 3.85 X 10-^ 

The Slide Rule. The slide rule is an instrument consist- 
ing of two fitted pieces each of which is ruled with lines 
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which are numbered; the divisions between the different 
numbers and zero are proportional to the logarithms of the 
numbers. By sliding one piece along the other, the sum of 
the logarithms of two numbers can be obtained. Since the 
process of adding the logarithms of two numbers is tlie same 
as multiplying the numbers by each other, the slide rule can 
be used for multiplication. It follows that the reverse operation 
of division can also be performed on the slide rule. 

Students are strongly urged to obtain a slide rule and use 
it in making the computations necessary in the course. The 
solutions of problems are enormously expedited by its use. 
The ordinary 10-inch slide rule has an accuracy of about one 
part in 500 which is sufficiently accurate for most work in 
chemistry. Complete directions for its operation accom- 
pany every slide rule. 

Proportion. The three statements, 

(1) .4 is proportional to B 

( 2 ) .4 




= constant X S, or A = KB, 



are identical in meaning. The statements (2) and (3) are 
abbreviations of statement (1). In statement (3), K is known 
as the proportionality constant. If we write 


d = Ks 

where d is the distance covered in a given time and s is speed, 
we are saying that the distance covered in a given time is 
proportional to the speed. 

1 he rate of formation of hydrogen iodide from its ele- 
ments, hydrogen and iodine, is expressed by the following 
ecjuation : 


rate - /c x {concentration of H2) X {concentration of I2) 

This means that the rate of formation of hydrogen iodide is 

proportional to the product of the concentrations of the 
hydrogen and iodine. 
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Dimensional Formulae. Most physical quantities with 
which we deal in this text have associated with them dimen- 
sional formulae expressed in the fundamental quantities or 
units of length (Z), time (Z), mass (m), and temperature {T). 
Thus, velocity may be expressed in miles per hour, or in 
centimeters per second, to mention only two of many expres- 
sions for velocity. In any event, the dimensional formula for 

> 

velocity is l/i or ZZ“h Acceleration is defined as the change in 
velocity (v) per unit of time. The dimensional formula for 
acceleration is lt~~ (i.e., v/t = 

The sciences of chemistry and physics use the gram, centi- 
meter, second, degree centigrade system of units. When we 
adhere to one system we can use more specific fundamental 
quantities to express dimensional formulae. Thus, instead of 
time, ty we use the second (sec.); instead of mass (m), the 
gram (g.) ; for length we use centimeter (cm.) ; and for temper- 
ature, the degree (deg.). 

The following dimensional formulae are those for the 
centimeter, gram, second (the cgs) system: length (cm.), 
area (cm.-), volume (cm.^), velocity (cm. sec.”^), and acceler- 
ation (cm. sec.'-). Force is defined as mass x acceleration; so 
the dimensions of force are g. cm. sec.'^. Work is defined as 
force X distance; therefore, the dimensions of work are 
g. cm.- sec.“^. Energy and work have the same dimensions. 
We know that kinetic energy is equal to 1/2 mv^. The 
dimensions of this quantity are g. cm.“/sec.^, or g. cm.^ sec."^ 
the same as those for work. Potential energ}" is equal to nigh, 
where h is the height above the earth^s surface expressed in 
centimeters and g is the acceleration due to gravit^^ Potential 
energy", therefore, has the dimensions g. cm.^ sec.'-. Concen- 
tration may be expressed in grams per milliliter. The dimen- 
sions of concentration are g. cm.“^. 

Very often it is convenient to use derived dimensions instead 
of the more fundamental ones. For example, we often use 
gram per liter instead of gram per milliliter for concentration. 
In this case the dimensions may be written g. liter'^ where 
liter'^ is equal to (1000 cm.^)~h Also, we often use the term 
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mole instead of gram. Thus, the concentration can be ex- 
pressed in terms of mole per liter or mole liter'h 

Pressure is defined as the force per unit area. The dimen- 
sions of pressure are, therefore, g. cm. sec."- cm.“- or g. cm."* 
sec."-. If a gas expands under constant pressure and constant 
temperature, the work done is equal to p(?’2 - ci) or pAr. The 
dimensions of pAv should be those of work. Multiplying the 
dimensions of pressure and volume we get g. cm."* sec."- X cm.-^, 
or g. cm.- sec.”-, the dimensions of energy or work. 

The gas law states that PV nRT^ where n is the number of 
moles of gas and /? is a constant. What are the dimensions 
of /?? 



PV 

fiT 


The dimensions of both sides of an equation must always be 
the same. The dimensions of R are therefore, 

g. cm."* sec."- X cm.^ ,1,1 

^ i = g. cm.- sec."* mole"* degree"* 

mole X degree 

The fundamental unit of work is the erg. So instead of 
g. cm.- sec.”- we may write (erg). The dimensions of R are 
sometimes given as erg mole"* degree"*. In this case the erg 
is used as a derived unit. 


Problems. Mathematical Operations 

I. Express the following numbers in the exponential form: 


(a) 

1,000.000 

(m) 

.01 

(b) 

400,000 

(n) 

.0032 

(f) 

50,000 

( 0 ) 

.000007 

(cl) 

0,000 

(P) 

.00107 

Ce) 

GOO 

(q) 

-0000000009 

(0 

70 

(>•) 

.00000678 

(k) 

1,450,000 

(s) 

0.103 

(b) 

940,000 

(t) 

1.0 

(i) 

59,000 

(u) 

0.1 

(j) 

9,027 

(v) 

.00045 

(k) 

450 

(cv) 

.000006 

(1) 

.563,200 
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Express the answers of the following in the 


exponential for 


II 


(a) Multiply 4.2 X 10^ by 3.0 X 10^ 

(b) Multiply 2.5 X by 2.0 X 10* 

(c) Multiply 6.06 X 10-^ by 1 X 10“^ 

(d) Multiply 4.0 X 10“** by 7.0 X 10“* 

(e) Multiply .00005 by 10 

(f) Multiply .00025 by 400 

(g) Multiply .000007 by 1 X 10^° 

(h) Multiply 60 by 5,000,000 

(i) Multiply 2500 by .0025 

(j) Multiply .00003 by .006 

(k) Multiply 1 X 10® by .0005 


3. Express the answers of the following in the exponential form 

(a) Divide 1 X 10® by 2 X 10^ 

(b) Divide 3 X 10^ by 3 X 10“^ 

(c) Divide 4.2 X 10”^ by 1.3 X lO’^ 

(d) Divide 4.5 X 10”® by 1.5 X 10”* 

(e) Divide 9 X 10”^® by 2 X 10”^® 

(f) Divide 4.2 X 10® by 210,000 

(g) Divide 2.5 X 10* by .00005 

(h) Divide 6.6 X 10”^ by 1.1 X 10® 

(i) Divide 5.0 X 10”® by 2,500,000 

(j) Divide 4 X 10”'* by .0008 

(k) Divide 64,000 by 2 X 10® 

(l) Divide 2,500,000 by 5 X 10”® 

(m) Divide .000034 by 1.7 X 10® 

(n) Divide .00065 by 1.3 X 10”- 


4. Express the answers of the following operations in terms of the 
significant figures only; (The quantities represent experimental 
values.) 

(a) Add the quantities 1834.56, 50 and 0.765 

(b) Subtract 6.0 from 22.45 

(c) Subtract 6.00 from 22.45 

(d) Multiply 0.675 by (.02)- 

(e) Solve for in the following: ^(6 — A) = .0006 
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5. Find the logarithm of the following: 


(a) 2150.3 

(b) 340 

(c) 1.035 

(d) .0000067 


(e) 07.25 

(f) 0.387 

(g) .004 

(h) 400 


6. Give the number (antilogarithm) eoi responding to the following 


logarithms: 

(a) 3.0745 

(b) 2.4302 

((*) .2875 

(d) 9.3470 


10 


(e) 0.4032 - 10 

(f) 4.2097 

(g) - 2.3028 

(h) - 0.2750 


7. Solve the following expressions with the use of logarithms: 


(.) r . 3,50 X ,11 X 


(1)) .V = 


GO 

G.OG X 10-’ 


Find I 


(c) M = 


(d) -Y = 


1000 X 22.4 X 7G0 X 10-« 

22.4 X 10^ X 2.4.j() 

150 

(3.G5)- X 24.5 X 10-' X 37G.2 
3.0 X 2G.5 X 500 


Find .V 


Find .1/ 


Find .Y 


8. Solve the following expressions; use logarithms where desirable: 

(a) (2.54 X 10^)-' 

(1)) (3.G X lO-')'-' 

(c) (1.2X10-®)= 

(d) (G..5G X 10-’)®(3.5 X 10')® 

(e) (9.2 X 10-®)'-X2.G X lO")® 

9. Extract the square root of the following; use logarithms where 
<lesirable: 


(a) 4 X 10-' 

(b) (4 X 10-®)® 
(e) 3.G X 10® 
(d) 0.25 X 10-' 


(e) 25 X 10-® 

(f) G.942 X 10® 

(g) 24. .53 X 10-® 

(h) 1.44X10-" 


10. Solve the following eciuations for .Y : 


(a) .Y® + 4.Y + 7 = 0 

(b) .Y® + 0.1 5X = 2. .53 
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(c) X2 + (1 X 10-")X - 3.6 X 10-6 = 0 

(d) X2 + (1.8 X 10-6)X - 1.8 X 10-6 = 0 

11. Calculate the pH of solutions which contain the following con- 
centration of the hydrogen ion respectively: 

(a) 1 X lO--* (d) 1 X 10-7 

(b) 2 X 10-12 (e) 2.56 X lO"® 

(c) 3.5 X 10-6 (f) 0.1345 

12. From the following pH values calculate the concentration of 
the hydrogen ion: 

(a) 7.0 (d) 6.87 

(b) 8.4 (e) 9.25 

(c) 5.3 (f) 2.46 

13. Express the following statements in the form of an equation: 

(a) At constant temperature, the pressure of a gas varies in- 
versely with the volume. 

(b) At constant pressure, the volume of a gas varies directly 
with the absolute temperature. 

(c) At constant volume, the pressure of a gas varies directly with 
the absolute temperature. 

(d) The speed of diffusion of a molecule in the gaseous condition 
is inversely proportional to the square root of its mass. 

(e) The force of attraction between two bodies is directly pro- 
portional to the product of their masses and inversely propor- 
tional to the square of the distance between them. 

14. What is the dimensional formula for (a) density, (b) frequency, 
and (c) power (energy per second)? 

15. Show by dimensional formulae that the following statement is 
incorrect: “the work done per second is equal to the potential 
energy of the body.’' 



Table 29 

Ionization Constants of Weak Acids 

The equilibrium constants given in this and the following tables 
appear in two forms. In the column to the right, the value of the 
constant is given in exponential form for convenience when used in 
calculations involving the half reactions of Table 27 . Some of the 
data have been taken from the International Critical Tables, but 
most of the data have been obtained from ‘'Oxidation Potentials'' 
by Wendell M. Latimer, published by Prentice-Hall, Inc., 1952 . 
Other data have been selected after a careful evaluation of the litera- 
ture references. 


Acid 

Equilibrium 

Ionization Constant 
(at Room Tem- 
perature) 

Acetic 

CH:,COOH = H- CILCOO- 

1 .85 

X 

10-5 

10 -'^ 

Arsenic 

H.,AsC4 = -{- H 2 ASO 4 - 

2.0 

X 

10 -^ 

10-3 6 

Diliydrogen Arsenate 

ion 

n.AsO,- = H+ + HAsO,— 

5.6 

X 

10 -« 

10-7 3 

Monohydrogen Ar- 

senate ion 

HASO 4 = II"*" -f- ASO 4 

3.0 

X 

10 - 1 ^ 

10-12 3 

Arsenous 

I'LAst^a = H"*" -|- H-jAsOs” 

6.0 

X 

10-10 

10-0.3 

Benzoic 

CHLCOOH = H^ + CfiH 5 COO- 

6.6 

X 

10-5 

10-4 2 

Boric 

H,B ()3 = H+ + IhHOr 

6.0 

X 

10-10 

10-9 3 

Carbonic 

H.COs = H-^ -I- HCO 3 - 

4.2 

X 

10 -' 

10-6 4 

BicaiBonate ion 

HCO 3 - = -h CO 3 " 

4.8 

X 

10 -“ 

10-10.3 

Bisulfate ion 

HSO 4 - = H-^ -h S()4-~ 

1.26 

X 

10-2 

10-1-9 

Chloracetic 

CICH.COOII = H"- -h C1CH-.COO- 

1.4 

X 

10-5 

10-2-9 

Chlorous 

HCIO... = H+ + CIO.- 

1.1 

X 

10-2 

10-10 

Hicuprate ion 

IICuO." = H-^ -h CuO.— 

8 

X 

10 -“ 

10-131 

C’yanic 

HCNO = + CNO- 

2.0 

X 

10 -* 

10-3.7 

Dichloracetic 

CI,.CHCOOH = H+ -h Cl.CHCOO- 

5.5 

X 

10 -^ 

10 - 1.8 

Formic 

HCOOH = H^ -t HCOO- 

2.1 

X 

10-' 

10-3.7 

Hydrazoic 

HX., = + X 3 - 

1.9 

X 

10-5 

10-4.7 

Hydrocyanic 

Hex = H^ -b CN- 

4.0 

X 

10-10 

10 - 9.4 

Hydrofluoric 

HF= H+ + F- 

6.9 

X 

10-* 

10 - 3.2 

Hy{lrog(>n peroxide 

H.O. = H+ + HO 2 - 

2.4 

X 

10-12 

10-11.6 

riydrog(>n stdenide 

H..Se = H+ + HSe- 

1.9 

X 

10-' 

10 - 5-7 

Hydrogen sulfide 

H 2 S = 11+ H- HS- 

1.0 

X 

10-’ 

10“^ 

i>isuui<le ion 

HS- = H+ + S" 

1.3 

X 

10-“ 

10 - 12.9 
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Acid 


Hydrogen telluride 

Bitelluride ion 

Hypobromous 

Hypochlorous 

Nitrous 

0-Nitrobenzoic 

Oxalic 

Monohydrogen 
oxalate ion 
Phenol 
Phosphoric 
Dihydrogen phos- 
phate ion 

Monohydrogen phos- 
phate ion 
Phosphorous 
Dihydrogen phos- 
phite ion 
Propionic 
Salicylic 
Selenious 
Biselenate ion 
Sulfurous 
Bisulfite ion 
Tartaric 
Bitartrate ion 
Telluric 
Bitellurate ion 
Tellurous 
Bitellurite ion 
Aluminum hydroxide 
Antimony hydroxide 
Chromium hydroxide 
Cobaltous hydroxide 
Bicuprate ion 
Cupric hydroxide 
Lead hydroxide 
Manganous hydroxide 
Mercuric hydroxide 
Nickelous hydroxide 
Silver hydroxide 
Stannous hydroxide 
Zinc hydroxide 


Ionization Constant 

Equilibrium (at Room Tem- 

perature) 


H^Te = 

+ HTe- 

2.5 X 10-=> 

10 - 1.6 

HTe- - 

H+ + Te“ 

1.0 X io-»‘ 

10 -“ 

HBrO = 

H+ + BrO- 

2 X 10-» 

10-87 

HCIO = 

+ CIO- 

3.2 X 10-» 

10-73 

HNO 2 = 

H+ -f NO 2 - 

4.5 X 10-^ 

10-33 

CyHsNO^ 

, = -H C 7 H 4 NO 4 - 

6.1 X 10-3 

10-3* 

H2C204 = 

= H+ + HC 2 O 4 - 

3.8 X 10-* 

10-13 

HC 2 O 4 - 

= + C 2 O 4 ” 

5.0 X 10-3 

10-3* 

CsHsOH 

- + CeHsO- 

1.0 X 10-w 

10-10 

H 3 PO 4 = 

+ H 2 PO 4 - 

7.5 X 10-3 

io-*i 

H 2 PO 4 - = 

= -h HPO 4 — 

6.2 X 10-3 

10 ^* 

HP04“- 

= H+ -h PO 4 

1 X 10-“ 

10 -“ 

H 3 PO 3 = 

+ H 2 PO 3 - 

1.6 X 10-* 

10-18 

H 2 PO 3 - = 

= + HPO 3 -- 

7.0 X 10-^ 

10-3* 

C 2 H 6 COOH = + CoHbCOO- 

1.4 X 10-3 

10-33 

CtHsOj = 

= + C 7 H 5 O 3 - 

1.1 X 10-3 

io-*\ 

HsSeOa = 

= H+ + HSeOj- 

2.7 X 10-3 

10 -»» 

HSeOg- = 

= H+ 4- SeOj— 

2.5 X 10-7 

10-38 

H 2 SOa = 

H+ + HSO 3 - 

1.25 X 10-3 

10-18 

HS 03 - = 

+ SO 3 -- 

5.6 X 10-3 

10-73 

C 4 H 406 H 

2 = H+ + C 4 H 4 O 3 H- 

1.1 X 10-3 

10-3 

C4H40eH 

- = H+ -f C4H40«“ 

6.9 X 10-3 

10-^7 

H2Te04 = 

= H+ -f- HTe04- 

6 X 10-7 

10-87 

HTe04- 

= -h Te04— 

4 X 10-“ 

10 -“-3 

H.TeOs = 

= H+ 4- HTeOa" 

2 X 10-3 

10-77 

HTeOa- 

= H+ + TeOa” 

1 X 10-8 

10-8 

A1(0H)3 

= + AIO 2 - + H 2 O 

4 X 10-“ 

10-1*3 

Sb(OH)3 

= H"*” “h Sb 02 ~' H“ H 2 O 

1 X 10-“ 

10 -“ 

Cr(OH )3 

= - 1 - Cr 02 - + H 2 O 

1 X 10-« 

10-16 

Co(OH)2 

= 4 HC 0 O 2 - 

8 X 10-33 

jO-m 

A iA # 

HCuOa- 

= 4 Cu 02 “ 

8 X 10-“ 

10-13.1 

H 2 CUO 2 = 

- -f HCuOj- 

1.5 X 10 -“ 

JO-168 

Pb(OH )2 

= 4 HPb02- 

2 X 10-“ 

10-16.7 

Mn(OH )2 

. = H+ + HMn02- 

1 X 10-“ 

JO -18 

Hg(OH )2 

= 4 HHgO." 

1 X 10-“ 

10 '“ 

Ni(OH )2 

= H+ -f- HNiOz' 

6 X 10-“ 

10-“ 7 

AgOH = 

4- AgO- 

2 X 10-“ 

10-177 

Sn(OH )2 

= H+ 4- HSnO*- 

4 X 10-“ 

10 '“* 

Zn(OH )2 

= 2H+ + Zn02— 

1 X ip-“ 

10-29 

Zn(OH) 2 (,) =.Zn(OH)+ + OH" 

1.2 X 10-“ 

10-117 

Zn(OH)+ 

= Zn++ 4 OH" 

4 X 10-3 

10-1^ 


Table 30 


Ionization Constants of Weak Bases 


Base 


Equilibrium 


Ionization Constant 
(at Room Tem- 
perature) 


Ammonium hydroxide NH 4 ()H = + OH" 1.8 X 10- 10“^ ^ 

Methyl ammonium 

hydroxide CILNIUOH = + OH" 5 X 10“^ 3 

• 

Dimethyl ammonium 

hydroxide (CH;0>NH,OH = 7.4 X 10-* » 

Triinethyl ammonium 

hydroxide (CH 3 ).XIIOH = (CHa)aXH'^+OH- 7.4 X IQ-^ 10'^ i 

Ethyl ammonium hy- 
droxide ' C,.Il 3 XHa()H - CAH^XHa-" + OH" 5.6 X 10"^ lO"" ^ 

Phenyl ammonium 

hydroxide Cr.IUXH;.()H = CeHiXIhC + OH" 4.6 X IQ-io IQ-** ^ 

Hydrazine hydroxide II, X • XH..()H=H,X • XHa^ + OH' 9.8 X 10-^ 10"® 

% 

Zinc- hydroxide (1) ZnCOH),.,^ = Zn(OlI)-^ + OH’ K = 1, 2 X IQ-'^and 10-“* 

(2) ZiUOH)-*- = Zn-"-*- + OH- K = 4 X 10'® and 4 X ^ 


Table 31 

Solubility Product Constants at Room Temperature 


Substance 


Equilibrium 


Solubility Product 
Constant 


Acetates 


Silver acetate 

CHaCOOAg,,) = Ag-^ + CH 3 COO- 

4 

X 

10-3 

10-2-4 

Brornutes 

Silyer bromate 

AgBrOaf.) = Ag-*- + BrOa 

6 

X 

<0 

1 

0 

1 

0 

Brotmdes 

Cuprous l)romide 

CuBr,,) = Cu"^ + Br 

6 

X 

10-* 

10-8 2 

Lead bromide 

PbBr,„, = Pb++ -t- 2 Br- 

4.6 

X 

10-® 

10-4-3 

Mercurous bromide 

Hg,Br 2 (o = + 2Br- 

1.3 

X 

10-« 

10-21.9 

Silyer bromide 

AgBr,,, = Ag^ + Br" 

5 

X 

10"“ 

10-12.3 

('arhonates 

Barium carbonate 

BaCOjf.) = Ra-^+ 4- CO 3 — 

1.6 

X 

10-* 

10-8.8 

(’udmiurn carbonate 

CdC 03 (o = Cd+^ -t- CO 3 — 

5.2 

X 

10-12 

10-U 3 

C'alcium caiLonate 

CaCXL,*, = ('a^^ + COr- 

6.9 

X 

10"* 

10-8.2 

(’obalt carl)onate 

CoC()3<o = Co^-^ + CO,— 

8 

X 

10-»3 

10-12.1 
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Substance 

Equilibrium 

Solubi!it 3 ' Product 
Constant 

Cupric carbonate 

CuCOac) - Cu++ + C03-- 

2.5 X 10-10 

10-00 

Lead carbonate 

PbC03(,) = Pb++ + CO 3 -- 

1.5 X 10-13 

10 - 12.8 

Magnesium carbonate 

MgC03(,) = Mg++ + CO 3 ” 

4 X 10-0 

10 - 1-1 

Manganous carbonate 

MnCOar.) = Mn++ + CO 3 — 

9 X 10-11 

10-101 

Mercurous carbonate 

Hg 2 C 03 («) = Hg.,++ + CO 3 "- 

9 X 10-17 

10-101 

Nickelous carbonate 

NiC 03 (.) = Ni-^-*- + CO 3 — 

1.4 X 10-7 

10 - 0 * 

Silver carbonate 

Ag.>C 03 („ = 2Ag-^ + CO 3 ” 

8.2 X 10-12 

10-111 

Strontium carbonate 

SrC03(-, = Sr+-*' + CO 3 -- 

7 X 10-10 

10-02 

Zinc carbonate 

ZnCOst.) = Zn++ + COa” 

2 X 10-10 

10-^.7 

Chlorides 

Cuprous chloride 

CuCI(.) = Cu+ + Cl- 

3.2 X 10-7 

10 - 6.6 

Lead chloride 

PbCl 2 („ = Pb++ + 2C1- 

1.6 X 10-0 

10-18 

Mercurous chloride 

Hg>CL(., - Hg^-^-^ + 2C1- 

1.1 X 10-1* 

10-17-0 

Silver chloride 

AgCl(,> = Ag-^ + Cl- 

2.8 X 10-10 

10-00 

Chromates 

Barium chromate 

BaCrO^(,> = Ba++ + Cr 04 -- 

8.5 X lO-u 

10 - 10 * 

Calcium chromate 

CaCr04(o = Ca++ + Cr04” 

7.1 X 10-1 

10-32 

Lead chromate 

PbCr04(-, = Pb++ + Cr 04 ” 

2.0 X 10-10 

10-10 

Mercurous chromate 

Hg2Cr04(.) - Hg 2 ++ - 1 - Cr04” 

2 X 10-0 

10-8.71 

Silver chromate 

Ag-.Cr04<,) = 2Ag'*' + Cr04 

1.9 X 10-12 

10-117 

Strontium chromate 

SrCr 04 <,) = Sr+-^ + Cr 04 — 

3.6 X 10-0 

10-11 

Cyanides 

Mercurous cyanide 

Hg,(CX) 2 fo = Hg 2 ++ + 2CN- 

5 X 10 -« 

10-303 

Silver cyanide 

AgCN(., = Ag+ + CN- 

1.6 X 10-11 

10-13.8 

Fluorides 

Barium fluoride 

BaF,(,) = Ba++ + 2F- 

2.4 X 10-0 

10-10 

Calcium fluoride 

CaF 2 (.) = Ca-^-^ + 2F- 

1.7 X 10-10 

10 - 0 * 

Lead fluoride 

PbF 2 (., = Pb++ + 2F- 

4 X 10-* 

10-7 1 

Magnesium fluoride 

MgF.(„ = Mg^-*" + 2F- 

8 X 10-* 

10-71 

Strontium fluoride 

SrF,,„ = Sr^+ + 2 F- 

7.9 X 10-10 

10 - 0-1 

H ydroxides 

Aluminum hydroxide 

A1(0H)3(.) = Al'*"*-+ + 30H- 

5 X 10-33 

10-32 3 

Cadmium hydroxide 

Cd{OH) 2 (,> = Cd++ + 20H- 

2.0 X 10-11 

10-137 

Chromic hydroxide 

Cr(OH) 3 (-) = Cr+-^+ + SOH" 

7 X 10-31 

10-30.2 

Chromous hydroxide 

Cr(OH) 2 (.) = Cr-^+ + 20H- 

1 X 10-17 

10-17 

Cobaltic hydroxide 

Co(OH) 3 (., = Co^-^-" + 30H- 

1 X 10-13 

10-13 

Cobaltous hydroxide 

Co(OH) 2 (.) = Co++ + 20H- 

2.5 X 10-10 

10-130 

Cupric hydroxide 

Cu(OH) 2 („ = Cu-^-^ + 20H- 

1.6 X 10-10 

10 - 1 ^ * 

Ferric hydroxide 

Fe(OH) 3 U) = Fe^+'" + 30H- 

6 X 10-3* 

10-37 2 

Ferrous hydroxide 

Fe(OH) 2 (.) = Fe-"-^ + 20H- 

2 X 10-13 

10-117 

Lead hydroxide 

Pb(OH) 2 <., = Pb++ + 20H- 

4 X 10-10 

10-11 1 

Magnesium hydroxide 

Mg(()H) 2 (.* = Mg++ + 20H- 

8.9 X 10-17 

10-11 
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Substiince 


Equilibrium 


Solubility Product 
Constant 
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Substance 


Equilibrium 


Solubility Product 
Constant 


Sulfides 


Bismuth sulfide 

Bi2S3(., = 2Bi+-"+ + 3S — 

1 X 

10-w 

10-70 

Cadmium sulfide 

CdS(,> = Cd-"+ +S — 

6 X 

10-27 

10-26.2 

Cobalt sulfide 

CoS(.) = Co-"+ + S— 

5 X 

10-22 

10-21.3 

Cupric sulfide 

CuSc.) = CU+-" + S— 

4 X 

10-3« 

10-36.4 

Ferrous sulfide 

FeS(., = Fe-*-+ + S”" 

4 X 

10-17 

10-W.4 

Lead sulfide 

PbS(„ = Pb-"+ + S— 

4 X 

10-26 

10-26.4 

Manganous sulfide 

MnS(,) = Mn++ + S— 

8 X 

10-14 

10-13.1 

Mercuric sulfide 

HgS(.) = + S— 

1 X 

10-M 

10-60 

Mercurous sulfide 

Hg2S(o - Hg2++ + S— 

1 X 

10“« 

io-« 

Nickelous sulfide 

NiS(,) = Ni-"-*- + S— 

1 X 

10-“ 

10-“ 

Silver sulfide 

Ag2S(,) = 2Ag+ S” 

1 X 

10-M 

10-60 

Thallous sulfide 

TlSis) = 2TI+ + S— 

1 X 

10-“ 

io-« 

Zinc sulfide 

ZnSu) = Zn++ + S— 

1 X 

10-20 

10"“ 

Thiocyanates 

Cuprous thiocj'anate 

CuCNS,,) - Cu+ + CNS- 

4 X 

10 -» 

10-13.4 

Mercurous thiocyanate 

Hg2(CNS)2(„ = Hg2-"+ + 2CNS- 

3 X 

10-20 

10-19 6 

Silver thiocyanate 

AgCNS(.,> = Ag^ + CNS' 

1 X 

10-“ 

10-12 



Table 32 


Dissociation Constants of Complex Ions 


Efiuilibrium 

Dissociation 

Constant 

AlFe 

= Al-^++ + ()F- 

1.5 X 10“^'' 

10-***" 

AlFs— 

= + 5F~ 

4.3 X 

10“***^ 

AIF,- 

= Al+'^'^ + 4F” 

2 X K)"‘^ 

10-17,7 

Cd(XH3)4++ 

= Cd++ + 4XH3 

1 X 10“' 

10-" 

C'<1(CX)4— 

- Cd++ A 4CX- 

1 X 10-1^ 

10“*** 

Cdl4— 

= Cd++ + 4I- 

5 X 10-' 

10-6.3 

CdCla- 

= Cd-+ + 3Cl- 

4 X 10“'" 

10-2 4 

C'r(CXS )3 

= Cr++-' + 3CXS- 

l.G X 10“« 

10-" " 

Co(X 113 ) 6 ++ 

= Co++ + GX?l3 

1.25 X 10“^ 

10“' " 

('o(XH3)6+++ 

= Co-''^+ + GXH 3 

2.2 X 10“"-* 

1 

0 

c<)(x 113 ) 51 - 1 0 O+++ 

= Co"*""*”^ + oXris 4“ II 2 O 

l.G X 10“"" 

10-n.s 

Cc)(XH3)6CI++ 

= CO+++4- 5 XH 3 + Cl- 

1 X 10“"^ 

10-"" 

Cu(CX)3- 

= Cu+ + 2CX- 

1 X 10“^« 

10-16 

Cu(XH3)+ 

= CiC + XH 3 

7 X 10“' 

10-6.2 

C’u(XH3)->+ 

= Cu+ + 2 X 113 

1.4 X 10“*' 

10“***" 

('ll(CX)4 

= CU+4-4CX- 

2 X 10--^ 

10-26.7 

Cu(XH,)4++ 

= CiC-" 4- 4 XH 3 

5 X 10“'" 

l0-*4 3 

Cu(C..(),)-.— 

= Cu++ 4- 2 C..O 4 — 

5 X 10-" 

10-'**" 

Fe(CX)6 

= Fe++ + GCX- 

1 X 10“"" 

10-35 

Fe((’X)6 

= Fe+++ 4- GCX- 

1 X 10“^' 

10-*-’ 

Ftd'j— 

= Fe++'^ 4- 5F" 

5 X 10“*® 

10-15.3 

FoCXS-^-^ 

= Fe+++ + CXS- 

1 X 10“" 

10-’" 

Fe(('XS)3 

= Fe+++ 4- 3CXS- 

3 X 10-® 

10-5.5 

F(>(CXS)6 

= Fe++'^ 4- GCXS- 

8 X 10-*^* 

10-** * 

PbC'U- 

= Ph++ 4- 3C1- 

4.2 X 10“- 

10-14 

Phla- 

= Pb++ 4- 31“ 

3.G X 10“« 

10-5.4 

Mii(C..04)+ 

- J\ln+++ 4- C..O 4 — 

1 X 10“*** 

10-*o 

Mn(C'.304)2- 

= ]\In+++ + 2C2()4-- 

2.5 X 10-*" 

10-*6.6 

Mn(CV)4)3 

= Mn+++ + 3C204-“ 

7 X 10--** 

10-*9.2 

Hk(CX)4— 

= 4- 4CX“ 

4 X 10“'- 

10-41 4 

ngi4“- 

= + 41“ 

5 X 10“"* 

10-30,3 

llKPr4— 

= ITg++ + 4Bi“ 

2.3 X 10-“ 

10-2*7 

J=i 

1 

1 

= + 4Cl- 

1 X 10-*^ 

10-16 

Mk(CXS)4— 

= - 1 - 4C'XS- 

5 X 10“-“* 

10-*** " 

Xi(XH3)4+ + 

= Xi++4-4XH3 

1 X 10-" 

10-" 

Xi(Xll3)6++ 

- Xi++4-GXll3 

1.8 X 10“" 

10-"-" 

Xi(CX)4-- 

- Xi++ 4- 4CX- 

1 X 10--'" 
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Ag(S()3).2 

= As-" 4- 2 SO 3 — 

2 X 10“^ 
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Ak(XH3)3+ 

= Ajr+ + 2 XH 3 

6 X 10“" 

10-^ " 

Ag(R./)3)., 

= Ak+ 4- 2S.>()3-~ 

G X 10“*^ 

10-13.2 

Ak(CX)3- 

= Ag+ + 2CX- 

1.8 X 10-*** 

10-1S.7 

SnFc— 

= 4- GF“ 

1 X 10-*" 

10“*" 

Zn(XH3)4++ 

= Zn++ + 4XH3 

3.4 X 10“*** 

10-‘J 5 

Zn(CX)4— 

= Zn++ 4- 4('X- 

1 X 10-*" 

10-*" 
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hydrolysis of 212 
Americium 333 
Amide ion 248 
Arnmonates 249 
Ammonia 13. 247 
Ammonia complexes 252 
Ammonium ion 53, 247 
hvdrolvsivS of 208 
structure of 54 
Ammono bases 248 
Amjjhoterie elements 280 
Amphoteric hydroxides 281. 283 
Amphoteric substances 279, 280 
ai)phcation to analysis 287 
an ecjuilibrium 282 
as coordinated complexes 288 
Amj)hoterie properties 
aluminum hvdroxide 282 
and p»*rio(lie system 284 
Ain])hoteri(; sulfides 283 
Anthrac(‘ne, structure of 59 
Atomi(r binding forces 62 
Atomic number 41 
Atomic orbitals 84 
Atomic spectrum 74 
Atomic weights. iS'cc inside front cover 
Atoms, structure of 41, 67 
Attractive forces between molecules 15 
Auxiliary valence 250 


Baking powder 214 
Balancing of ccjuations 89 
Bases, 

equilibria involving weak 135 
ionization constants of 359 
B(Mizene. structure of 58 
Berkelium 333 
Beta particles 328 

Bicarbonate ion. hvdrolvsis of 219, 238 

• ^ 

Binding forces, inter-atomic ()2 
Bisulfat(‘ ion 181 
Bisulfide ion. h\ <Ir<)lvsis of 208 
Black body ladiation 67 
Blood, butferc'd 219 
Bodv-C(‘ntere(l clo.s(‘ packing 5 
Boltr Theory 75 
Boiling point 1 1 

and i)olarization 63 
Bonds conjugated 60 
covalent 46 
ionic 45, 64 
metallic 64 

Brpnsted definitions 55. 139. 223 
Brownian movement 166 
Buffer solutions 216 220 

Calculations, ecpiilibrium, 
complex ions 271-276 
hvdrolvsis 227 210 

ft ft 

oxidation-reduction 31 1-316 
poly basic acids 193-198 
slightly .«olul)k* substances 171-175 
weak acids and bases 146-152 
('alifornium 333 
C’arbon-l l 337 

Carbon atom, structure of 85 
C’arbon dioxide, structure of 58 
(’arbon tetrachloride, structure of 46 
C'arbonate ion, 191 
C’arbonates. 

precipitation of 191 
Carbonic acid 189 
Catalysts 104. 120, 170 
Chemical e<iuilibrium 100, 108 
Cldoride ion 46 

('hlorine moh'cule, structure of 51 
( 'hlorophyll 7 1 
('obalt ammines 252 
(’obalt atom orbitals 265 
(Cobalt coinj)le.x ions 253 
(.'obalt, radioactive 330 


I 


365 


366 


INDEX 


Colloids 165 
classes of 156 
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Non-electrolytes 25 
Non-polar substances 14 
Normal solutions 18 
Nuclear chemistry 320 
Nucleus, structure of 320 

Orbitals 84 

cobalt atom 265 
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372 FOUR-PLACE LOGARITHMS OF NUMBERS 

LOGARITHMS 


' No. 

0 

1 

2 

3 

4 

6 

6 

7 

8 

1 

9 

1 

2 

3 

4 

6 

6 

7 

8 

S 

65 

m 

7412 

7419 

7427 

7435 

7443 

7451 

7459 

7466 

7474 

1 

2 

2 

3 

4 

5 

5 

6 

7 

66 

7482 

7490 

7497 

7505 

7513 

7520 

7528 

7536 

7543 

7551! 

1 

2 

2 

3 

4 

5 

5 

6 

7 

67 

7559 

7566 

7574 

7582 

7589 

7597 

7604 

7612 

7619 

76271 

1 

2 

2 

3 

4 

6 

5 

6 

7 

68 

7634 

7642 

7649 

7657 

7664 

7672 

7679 

7686 

7694 

7701 

1 

1 

2 

3 

4 

4 

5 

6 

7 

59 


7716 

7723 

7731 

7738 

7745 

7752 

7760 

7767 

7774 

1 

1 

1 

2 

3 

4 

4 

5 

6 

7 

60 

7782 

7789 

7796 

7803 

7810 

7818 

7825 

7832 

7839 

7846 

1 

1 

2 

3 

4 

4 

5 

6 

6 

61 

7853 

7860 

7868 

7875 

7882 

7889 

7896 

7903 

7910 

7917 

1 

1 

2 

3 

4 

4 

5 

6 

6 

62 

7924 

7931 

7938 

7945 

7952 

7959 

7966 

7973: 

7980 

7987 

1 

1 

2 

3 

3 

4 

5 

6 

6 

63 

7993 

8000 

8007 

8014 

8021 

8028! 

8035 

8041 

8048 

8055 

1 

1 

2 

3 

3 

4 

5 

5 

6 

64 


8069 

8075 

8082 

8089 

8096 

8102 

8109 

8116 

8122 

1 

1 

2 

3 

3 

4 

5 

5 

6 

65 

8129 

8136 

8142 

8149 

8156 

8162 

8169 

8176 

8182, 

8189 

1 

1 

2 

3 

3 

4 

5 

5 

6 

66 

8195 

8202 

8209 

8215 

8222 

8228 

8235 

8241 

1 

8248 

8254 

1 

1 

2 

3 

3 

4 

5 

5 

6 

67 

^261 

8267 

8274 

8280 

8287 

8293 

8299 

8306 

8312 

8319 

1 

1 

2 

3 

3 

4 

5 

5 

6 

68 

8325 

8331 

8338 

8344 

8351 

8357 

8363 

8370 

8376 

8382 

1 

1 

2 

3 

3 

4 

4 

5 

6 

69 

8388 

8395 

8401 

8407 

8414 

8420 

8426 

8432 

8439 

8445 

1 

1 

2 

2 

3 

4 

4 

5 

6 

70 

8451 

8457 

8463 

8470 

8476 

8482 

8488 

8494 

8500 

8506 

1 

1 

2 

2 

3 

4 

4 

5 

6 

71 

8513 

8519 

8525 

8531 

8537 

8543 

8549 

8555 

8561 

8567 

1 

1 

2 

2 

3 

4 

4 

5 

5 

72 

8573 

8579 

8585 

8591 

8597 

8603 

8609 

8615 

8621 

8627 

1 

1 

2 

2 

3 

4 

4 

5 

6 

73 

8633 

8639 

8645 

8651 

8657 

8663 

8669 

8675 

8681 

8686 

1 

1 

2 

2 

3 

4 

4 

5 

5 

74 

8692 

8698 

8704 

8710 

8716 

8722 

8727 

8733 

8739 

8745 

1 

1 

2 : 

2 

3 

4 

4 

5 

5 

75 

8751 

8756 

8762 

8768 

8774 

8779 

8785 

8791 

8797 

8802 

1 

1 

2 

2 

3 

3 

4 

5 

6 

76 


8814 

8820 

8825 

8831 

8837 

8842 

8848 

,8854 

8859 

I 1 

1 

2 

2 

3 

3 

4 

5 

6 

77 

8865 

8871 

8876 

8882 

8887 

8893 

8899 

8904 

8910 

8915 

1 

1 

2 

2 

3 

3 

4 

4 

5 

78 

8921 

8927 

8932 

8938 

8943 

8949 

8954 

8960 

8965 

8971 

1 1 

1 

2 

2 

3 

3 

4 

4 

5 

79 

8976 

8982 

8987 

8993 

1 

8998 

9004 

9009 

9015 

9020 

9025 

1 

1 

2 

2 

2 

3 

4 

4 

5 

80 

9031 

9036 

9042 

9047 

9053 

9058 

9063 

9069 

9074 

9079 

1 

1 

2 

2 

3 

3 

4 

4 

5 

81 


9090 

9096 

1 

9101 

9106 

9112 

9117 

9122 

9128 

9133 

1 

1 

2 

2 

3 

3 

4 

4 

6 

82 

9138 

9143 

,9149 

9154 

9159 

9165 

9170 

9175 

9180 

9186 

1 

1 

2 

2 

3 

3 

4 

4 

5 

83 

9191 

9196 

9201 

^9206 

9212 

9217 

9222 

9227 

9232 

1 

9238 

1 

1 

2 

2 

3 

3 

4 

4 

5 

84 

9243 

9248 

9253 

j9258 

9263 

9269 

1 

9274 

9279 

9284 

9289 

1 

1 

2 

2 

3 

3 

4 

4 

5 

85 

9294 

9299 

9304 

9309 

9315 

9320 

9325 

9330 

9335 

9340 

1 

1 

2 

2 

3 

3 

4 

4 

5 

86 

9345 

9350 

9355 

9360 

9365 

9370 

9375 

9380 

9385 

9390 

1 

1 

2 

2 

3 

3 

4 

4 

5 

87 

9395 

9400 

9405 

9410 

9415 

9420 

9425 

9430 

9435 

9440 

0 

1 

1 

2 

2 

3 

3 

4 

4 

Ei3 

9445 

9450 

9455 

9460 

9465 

9469 

1 

9474 

9479 

9484 

9489 

0 

1 

1 

2 

2 

3 

3 

4 

4 

89 

9494 

9499 

9504 

9509 

9513 

9518 

9523 

9528 

9533 

9538 

0 

1 

1 

2 

2 

3 

3 

4 

4 

90 

9542 

9547 

9552 

9557 

9562 

9566 

9571 

9576 

9581 

9586 

0 

1 

1 

2 

2 

3 

3 

4 

4 

91 

9590 

9595 

9600 

9605 

9609 

9614 

9619 

9624 

9628 

9633 

0 

1 

1 

2 

2 

3 

3 

4 

4 

92 

9638 

9643 

9647 

9652 

9657 

9661 

9666 

9671 

9675 

9680 

0 

1 

1 

2 

2 

3 

3 

4 

4 

93 

9685 

9689 

9694 

9699 

9703 

9708' 

9713 

9717 

9722 

9727 

0 

1 

1 

2 

2 

3 

3 

4 

4 

94 

9731 

9736 

9741 

9745 

9750 

9754 

9759 

9763 

9768 

9773 

0 

1 

1 

2 

2 

3 

3 

4 

4 

95 

W77 

9782 

9786 

9791 

9795 

9800 

9805 

9809 

9814 

9818 

0 

1 

1 

2 

2 

3 

3 

4 

4 

96 

9823 

9827 

9832 

9836 

9841 

9845 

9850 

9854 

9859 

9863 

0 

1 

1 

2 

2 

3 

3 

4 

4 

97 

9868 

9872 

9877 

9881 

9886 

9890 

9894 

9899 

9903 

9908 

0 

1 

1 

2 

2 

3 

3 

4 

4 

98 

9912 

9917 

9921 

9926 

9930 

9934 

9939 

9943 

9948 

9952 

k 

0 

1 

1 

2 

2 

3 

3 

4 

4 

99 

9956 

9961 

9965 

9969 

9974 

9978 

9983 

9987 

9991 

1 

9996 

! 0 

1 

1 

2 

2 

3 

3 

3 

4 


0 

% 


2 

3 

4 

6 

G 

7 

1 

8 

9 

1 

2 

3 

* 

4 

6 


7 

8 

9 
















ANSWERS TO PROBLEMS 


CHAPTER 1. Pages 21-24. 

(8) 1.37 M. 

(9) 0.1 mole. 

(10) 0.392 g. 

(11) .0565 M. 

(12) (a) 0.1 mole; (b) 0.1 M; (c) 0.2 M. 

(13) (a) 3.15 g.; (b) 245.2 g.; (e) 5.30 g.; (d) 0.204 g. ; 

(e) 13.0 g. 

(14) (a) 1709 ml.; (b) 1176 ml.; (c) 368 ml.; (d) 310 ml.; 

(e) 40 ml. 

(15) (a) 20 ml.; fb) 475 ml.; (c) 54 ml.; (d) 140 ml.; (e) 0.4 ml. 

(16) 75 ml. 0.1 M AgNO.* and 175 ml. water. 

(17) 75 ml. 

(18) 37.5 ml. 

(19) 10 ml. 

(20) 7.5 ml. 

(21) (a) 17.4 4/; (b) 6.15 4/ ; (e) 13.15 4/; (d) 4.72 4/. 

(22) 152 cm. 

(23) (a) 92.8%; (b) 86.6%; (c) 89.6%; (d) 90.7^1. 

(24) 6.4 g. 

(25) Fe-^Oa. 

(26) 478.4 g. 

(27) 6.6 g. 

(28) 1398 lbs. 

(29) 2 atoms; CU2S. 

(30) Cr2(33. 

(31) 19.9. 

(32) 11.0 4/. 

(33) 9.1 ml. 

(34) 58.9 ml. 

(35) 200 ml. each of AgNOs, Pb(N03)2 and Hg2(N03)2 solutions. 

(36) (a) '4/ = '4/; vr/v^- = p^ 'pi; or vi 1-2 = ^ pi/ P\ 

Pi pi = 750 760 X 273 '311 = 0.866 
t’l 'v-i = 0.93; V 2 equals 215 miles per hour. 

(b) p]V~ '4/i = p>c^ 4/2 or 4/2 4/1 = P2/P1 = 0.866 

4/2 = 86,600 pounds. 

(37) Smaller load on a humid day. The molecular weight of water 
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vapor is less than that of either oxygen or nitrogen, p is 
therefore smaller. 


CHAPTER 2. Pages 65-66. 

(1) (a) Xe; (b) Xe; (c) Kr; (d) n or He; (e) Ne; (f) none; 

(g) none; (h) Xe; (i) Ne; (j) none. 

(4) Na. 


CHAPTER 4. Pages 86-87. 


(3- n-)’ 

(6) (a) 2; (b) 3. 


where n is greater than 3. 


CHAPTER 6. Pages 121-123. 

(2) 256 times faster. 

(4) 16 times faster. 

(11) 105. 

(12) A: = 0.4; (1) <f = 3; (2) rf = 1.5; (3) a = 1.5; (4) a = 6; 
(5) 6 = 8; (6) 6 = 16; (7) d = 24; (8) d = 96. 



(17) 

(18) 


( 1 ) 

(3) 

(5) 

(7) 


(H+)(CN-) 

(HCN) ' 

(2) 

(NH4+)(0H-) 
(NH4OH) ’ 

(H+)2(S— ) 

(H^S) 

(4) 

(Fe++)2(Hg++)2 

(Hg2++)(Fe+++)2 

(CO)(H.O) 

(C02)(H2) 

(6) 

(N0)2(02) 

(NOz)^ ' 

(NH3)2 




(N^) (H^)^ 


Absorbed. 


More soluble. 


CHAPTER 7. Pages 152-155. 

(7) (a) 5; (b) 9; (c) 1; (d) 7.38; (e) 2.1. 

(8) (a) 1.36X10-’M; (b) 4.3XlO-^M; 

(d) 4.5 X 10-® M ; (e) 1.91 X 10“® M ; 

(g) 1.4 X lO--* M; (h) 1 X 10-2 M; 

(j) 5.5 X 10-® M. 

(9) (a) 4.2 X 10-2 M; (b) 1.3 x IO-2 M; 


(c) 4.3 X 10-2 M; 
(f) 2 X 10-2 M ; 

(i) 1.27XlO-®Af; 

(c) 4.2XlO-^Af; 
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( 11 ) 

( 12 ) 

(13) 

(14) 

(15) 

(16) 

(17) 

(18) 

(19) 

( 20 ) 
( 21 ) 
( 22 ) 

(23) 

(24) 

(25) 

(26) 

(27) 

(28) 

(29) 

(30) 


(31) 

(32) 

(33) 


(d) 1.3 X 10-^ M; 
(g) 1.2 X 10-2 i\f; 
(a) 1.85 X 10-^ 
(d) 1.80 X 10-^ 
(g) 4.2 X 10-'“ 

8 X 10“^ M each. 


(e) 8.5 X 10-^ M ; 
(h) 7.5 X 10-“ 3/ ; 
(b) 1.84 X 10-“; 
(e) 4.6 X 10-“; 


(f) 2.2X10-“M; 
(i) 9.6 X 10-2 M. 
(c) 1.80 X 10-“; 
(f) 4.2 X 10-'“; 


(H+) = 2.5 X 10-“ M-, (Ac-) = 2.4 X 10-“ M. 

(a) .068; (b) .0002; (c) .019; (d) .03; (e) .08. 
.074 M. 


5.7 X 10-“ M. 
0.72 M. 


0.18 mole. 

8.5 X 10-“ M. 

1.2 X 10-“ M. 

(a) 1 X 10-“; (b) 3.2 X 10-“ M; (c) .032; (d) 1 X 10-“ il/. 
.011 M. 

.04 M. 


5.5 X 10-“ M. 

1.9 X 10-“ M. 
9 X 10-“ M. 
.02 M. 

2.6 X 10-“ M. 

2.9 X 10-“ M. 


(a) 1; (b) 1.56; (c) 2.87; (d) 4.75. 
Condition necessary for correct answer is that 

(Ac-) 


(HAc) 


= 0.185 


(a) One-half; (b) .05 M; (c) .05 A/; (d) 1.8X10-“M. 
First addition of NaOH : (a) one-tenth; (b) .01 AT; 

(e) .09 M; (d) 1.67 X 10-“ M; (e) 3.78. 

(a) 10-*; (b) 10-“; (c) 10-'; (d) 10-“; (e) 10-'“. 


CHAPTER 8. Pages 175-179. 

(3) 1.67 X 10-2 M 

(14) (a) 2.8X10-'“; (b) 5X10“'“; (c) 8.5xl0-'2; (d) 1.5X10-“; 
(e) 1.83 X 10-'2; (f) 6.9 X 10““; (g) 7.9 X 10-'“. 

(15) (a) 7.6 X 10-“ g. per 100 ml.; (b) 7.9 X 10-“ g. per 100 ml.: 
(c) 2.59 X 10-“ g. per 100 ml.; (d) 2.3 X 10 “ g. per 100 ml.; 
(e) 0.104 g. per 100 ml.; (f) 1.6 X 10-“ g. per 100 ml.; 
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(g) 1.9 X 10~® g. per 100 ml.; 

(h) 1.69 X 10~® g. per 100 ml. 

(16) 2.1 X 10“® mole per liter. 6.8 X 10~* g. per 200 ml. 

(17) 7.24 X 10~* g. per 100 ml. 

(18) (a) 0.30 g.; (b) 4 X 10“" mole. 

(19) (a) 2.8 X 10-9 mole; (b) 1.4 X lO-® mole. 

(20) (a) 5 X 10-*9 M; (b) 4.3 X 10-« M; (c) 8.5 X 10->^ 

(21) (a) (Pb++) = 1.25 X lO-^ M, (I-) = 2.5 X lO'® M; 

(c) 8 X 10-9. 

(22) (a) 3.6 X lO'^ M; (b) 4.6 X lO'^ g. 

(23) 4.5 X 10-9 g. per 200 ml. 

(24) 1 X lO--* M. 

(25) 1.16 X 10-“ g. 

(26) 2.8 X 10-9. 

(27) 1 X 10-9 jif. 13 X io-« M. 

(28) (a) 3.8 X 10-^ g.; (b) 9.0 X 10-« g. 

(29) (a) 2.8 X 10-9 mole; (b) 1.67 X 10-® mole; 

(c) 1.67 X 10-9 mole; (d) 2.8 X 10-9 mole; 

(e) 1.25 X 10-9 mole. / 

(30) 560. 

(31) (a) 8.5 X 10-‘9 7(/; (b) 2.8 X 10-9 M; (c) Agl; 

(d) 3.0 X 10-9 jif. (e) 3 ^ 10-9%; (f) 3.3 X lO®; 

(g) 5.6 X 10-9 Af; 1.5 X 10-« M ; (h) 3.3 X 10®. 

(32) (a) 8.5 X 10-‘9M; (b) 9.1 X IQr* M; (c) Agl; 

(d) 9.3 X 10-“ M; (e) 1.1 X 10“; (f) 1.29 X IQ-® M] 

(g) 6.6 X 10-“ M] (h) 7.6 X 10>»; 


(i) 

(j) 


(Pb++)^ _ 

(Ag+) ^ ’ 

Due to the fact that . , rather than ^ is con- 

(Ag+) (Ag+) 

stant. 


(33) 0.13 mole. 

(34) .083 mole. 

(35) 2.14 g. per 50 ml. 

(36) 70.5 g. 

(37) 22 moles per liter — impossible. 


CHAPTER 9. Pages 197-200. 

(8) 5 X 10'® M ; No. 

(9) (S— ) = 1.3 X 10-^3 M] (H+) = 7.1 X 10'® M. 
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(10) (H+) = 6.9 X 10-^ M. 

(11) (a) 2.05 X lO-'ilf; (b) 6.5 X 10“^ il/; (c) 3.2 X 10-^ M ■, 

(d) 4.9 X 10-«il/; (e) .016.1/; (f) .024.1/; (g) 4.6 X 10-=.!/. 

(12) (a) 1.3 X 10-” M- (b) 1.3 X 10“” .1/; (c) 1.3 X lO”" .1/; 

(d) 1.3 X 10-” .1/; (e) 1.3 X lO”-' .1/. 

(14) (a) 0.3 il/; (b) 1.44 X lO-^" d/; (c) Yes; (d) No. 

(15) (Cd++) = 6 X 10-* .1/. 

(16) 3.6 X 10“'^ mole Pb+'^ ion per 100 ml. 

(17) (a) 5X10-^3 4/; (b) 1 .7 X 10-^2 .1/ ; (c) 1.3X10-”.!/; 

(d) 4 X 10-" M) (e) 1.3 X lO"-’ M. 

(18) (H+) < 2.4 X 10-^ .1/. 

(19) (S— ) = 7 X 10-” il/. 

(20) (a) 1.6x10-2.1/; (b) 1.6 X lO-^ .1/; (c) 6.2 X 10-“ .1/; 

(d) about 4 X lO"” M . 

(21) 7.2 X 10-” mole Cu++ per 200 ml.; 1.1 X 10-“ mole Cd++ 
per 200 ml. 

(22) (H+) = 1.1 X 10-2 M. 

(23) (II"*’) = 5.7 X 10“ .1/, impossible. 

(24) (H+) = 1.26 X 10-2 M. 


CHAPTER 10. Pages 241-243. 

(15) (a) 5.5 X 10-'»; (b) 5.4 X 10-'»; (c) 2x 10-"; 

(d) 1.5 X lO-”; (e) 2.5X10-“; (f) 1X10-“; 

(g)2.2xl0-"; (h) 4.8X10-"; (i) 1.3x10-"; 

(j) 7 X 10-”. 

(16) (.4) O.I il/ solutions: 

(a) 7.4 X 10-“ j 1/; (b) 1.3 X 10-“ 4/; (c) 1.4 X 10-“ A/; 

(d) 2.6 X 10-“ A/; (e) 6.3 X 10-'2 A/; (f) 3.2 X 10-‘2 A/; 

(g) 4.8 X 10-“ A/; (h) 4.6 X 10-“ A/; (i) 1.1 x 10-“ A/; 

(j) 1.2X10-“.!/. 

(/i) .01 M solutions: 

(a) 2.3 X 10-“ A/ ; (b) 4.3 X 10-“ A/ ; (c) 4.5 X 10-^ .1/; 

(d) 8.1 X 10-“ .1/; (e) 2 X 10-" .1/; (f) 1 X 10-" A/; 

(g) 1.5X10-“ A/; (h) 1.4X10-“.!/; (i) 3.6x10-2.1/; 

(j) 3.8 X 10-“ A/. 

(17) (A) 0.1 M solutions: 

(a) 5.13; (b) 8.89; (c) 4.75; (d) 8.58; (e) 11.19; 

(f) 11.50; (g) 8.17; (h) 8.34; (i) 2.96; (j) 8.92. 
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(19) 

( 20 ) 
( 21 ) 
( 22 ) 

(23) 

(24) 

(25) 

(26) 

(27) 

(28) 


(29) 

(30) 

(31) 



{B) .01 M solutions: 


(a) 

5.64; (b) 8.38 

y 

(c) 

4.35; 

(d) 

8.09; 

(e) 10.70; 

(f) 

11.0; (g) 7.68 

• 

(h) 

7.85; 

(i) 

2.44; 

(j) 8.42. 

(A) 

0.1 M solutions: 







(a) 

7.4 X 10-5; 

(b) 

7.3 

X 10-5; 


(c) 

1.4 X 10-5; 

(d) 

1.2 X 10-«; 

(e) 

1.6 

X 10-2; 


(f) 

3.2 X 10 - 2 ; 

(g) 

1.5 X 10-5; 

(h) 

2.2 

X 10-5; 


(i) 

2 X 10-5; 

(j) 

8.5 X 10-5. 







(B) 

.01 M solutions: 







(a) 

2.3 X 10-*; 

(b) 

2.3 

X 10-^; 


(c) 

1 

0 

X 

(d) 

3.8 X 10-*; 

(e) 

5.2 

X 10-2; 


(f) 

0.1; 

(g) 

4.7 X 10-5; 

(h) 

7 X 

10-5; 


(i) 

6.3 X 10-S- 


(j) 2.7 X 10-^ 

15.2 g. 

9.6 g. 

.073 mole. 

1.85 X 10-5 
2.3 X 10-5 
4 X 10-w. 

Impossible — 525 M. 

(a) 2.1 X 10-*; (b) 2.2 X lO-*^; (c) 4.6 X lO"*®. 
0.33 M. 


The value of (Fe++)(S ) divided by the value of (Fe‘'-'‘)(OH-)* 

gives = 2 X 10“^. For the FeS to precipitate first, the 

(UM y 


value of this ratio must exceed the above. For Fe(OH )2 to 
precipitate first, the value of this ratio in the solution must 
be less than the above. For any solution of Na 2 S this ratio 
can be shown to be equal to 13. Therefore, the FeS pre- 
cipitates first. 

(a) 5.3 X 10-« M; (b) 1 X IQ-^ M; (c) .018 M; 

(d) 4.3 X 10-9 M; (e) 1.6 X lO-^^ 

(CO3-") = 1.1 X 10-^ M; (OH-) = 2.2 X lO"® M, 


MgCOa. For MgCOa to precipitate first, the ratio 

must be greater than 4.5 X 10®. In this solution, the ratio 
has a value of 2.2 X 10®. 


(A) Neglecting Hydrolysis: (a) 7.8X10“^^ M; (b) 2X10 
(c) 2 X 10-13 M; (d) 1.3 X lO'i^ M ; (e) 2.2 X lO’” M. 
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(33) 

(34) 

(35) 
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(jB) With Hydrolysis: (a) 6.8X10-" 3/; (b) 

(c) 1.8X (d) 2.5XlO-"il/; (e) 1.9 X 10-« il/. 

(Ac-) . 

(HAc) 

1.6 X 10-« M. 

(H!ro4-)^ ^ ° 


CH.LPTER 11. Pages 276-278. 

(11) AgCl precipitates. 

(12) Yes. 

(13) 2.6 X lO-*” M. 

(14) For Ag(CX) 2 -, (Ag+) = 3.6 X 10-^ M. 

For Ag(NH 3 ) 2 +, (Ag+) = 9.4 X 10“^ M. 

(15) Xo. 

(16) Xo. 

(17) 1.97 g. per 100 ml. 

(18) 9.1 X lO--* M. 

(19) 6.9 X lO-'' M. 

(20) 1.32 X 10-^ M. 

(21) 1.7 X 10-* M. 

(22) (a) Cd(X’’H3)4Cl2 solution; (b) 250. 

(23) (Cu+) = 1.9 X 10-‘9 M-, (Cd++) = 9.6 X 10-" M. 

(24) (a) Ag(CX )2 ion 6rst formed; later AgCl precipitates; 

(b) .05 M ; (c) (C1-) = 0.1 il/; (Ag+) = 2.8 X 10-» M; 

(CX-) = 1.8 X 10-Sl/. 

(26) (b) Fe(CX)6 , one; Fe(CX)6 , none. 

CHAPTER 12. Pages 293-294. 

(14) .034 mole. 

(15) (Zn++) = 2.3 X 10-« .1/; (ZnOj— ) = 2 X lO-*^ M ■, 

(H+) = 2.2 X 10-» M) (OH-) = 4.6 X 10-® M. 

(16) (Zn++) = 5 X 10-" 21/ ; (ZnOj— ) = 1 X lO'^ M. 

(17) (Pb++) = 4 X 10-" 2l/; (HPbO,-) = 2 X 10-= M- 
(li+) = 1 X 10-" 2 I/. 

(18) Xo. 

(19) (OH-) = 2.5 X 10-= .1/. 

(21) (Cu++) = 1.6 X I0-" M- (HCUO 2 -) = 1.5 X 10-= M- 
(CuOi ) = 1.2 X 10-= .1/. 
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CHAPTER 13. Pages 318-319. 

(1) (a) (b) 10“«; (c) (d) 10‘-2; (e) 10«»; 

(f) 10*< (g) lO'®* '; (h) (i) 10“® 2; (j) 

(k) 102‘ (1) (m) (n) (o) 10”; 

(p) 10®s. 

(2) Yes; K^q, = 10*“*. However, in practice the stannous ion 
would be oxidized to the stannic ion by the nitric acid. 

(3) Keq = 10“* *; should not be dissolved appreciably. 

(4) No; (Cr+++)-(Cl 2 )* = 10“**. K^q for the reaction has a value 
of 10-*. 

(5) Yes; T^eq = 10*®*. 

(6) No; K^q = 10“**. 

(7) Ki = 10“* *. 

(8) /Ceq = 10“** *. 

(9) Calculated K^q = 10* ®; value in Table 27 is 10* ®. 

( 10 ) K,q = 10 '* *. 

(11) Reaction proceeds appreciably; K^q = 10“* *. 

(12) Extremely low; (Fe+++) approximately 3 X 10“** M. 


MATHEMATICAL OPERATIONS. Pages 353-356. 




(4) 

(5) 


(a) 10*; (b) 4 X 10*; (c) 5 X 10*; (d) 9 X 10*; 

(e) 6 X 10*; (f) 7 X 10*; (g) 1.45 X 10*; (h) 9.46 X 10*; 

(i) 5.9 X 10*; (j) 9.627 X 10*; (k) 4.5 X 10*; 

(1) 5.632 X 10*; (m) 10“*; (n) 3.2 X 10“*; (o) 7 X 10“*; 

(p) 1.07 X 10“*; (q) 9 X 10“*®; (r) 6.78 X 10“*; 

(s) 1.03 X 10“*; (u) 1 X 10“*; (v) 4.5 X 10“*; 

(w) 6 X 10“*. 

(a) 1.26 X 10®; (b) 5 X 10*; (c) 6.06 X 10**; 

(d) 2.8 X 10“*; (e) 5 X 10“*; (f) 10“*; (g) 7 X 10*; 

(h) 3 X 10*; (i) 6.25; (j) 1.8 X 10“*; (k) 5 X 10*. 

(a) 5 X 10; (b) 10*; (c) 3.2 X 10 = 32; (d) 3 X 10“*; 

(e) 4.5 X 10-*; (f) 2 X 10 = 20; (g) 5 X 10®; 

(h) 6 X 10“**; (i) 2 X 10“**; (j) 5 X 10“*; (k) 3.2 X 10“*; 

(1) 5 X 10**; (m) 2 X 10“*; (n) 5 X 10“*. 

(a) 1885; (b) 16.5; (c) 16.45; (d) 3 X 10“*; (e) Y = 10“*. 
(a) 3.33372; (b) 2^5315; (c) .0149; (d) 6.826_(or -5.174); 
(e) 1.8277; (f) 1.5877 (or - .4123); (g) 3.6 (or - 2.4); 

(h) 2.602. 
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(6) 

(a) 

4726; (b) 273.0; (c) 1.939; 

(d) .2226 

1 ; (e) .0002905 


(f) 

.0001861; (g) .004337; (h) .5302. 



(7) 

(a) 

V = 310; (b) N = 3.56 X 10--=; 

(c) M = 

367; 



(d) 

X = 3.1 X 10-''. 




(8) 

(a) 

6.45X10''’; (b) 1.30 X]0-^ (c) 1.73 X 

10-^ 



(d) 

5.3 X 10'-*; (e) 5,7 X 10'^ 




(9) 

(a) 

2X10-^; (b) 4 X 10-^ fc) 

6 X 10‘; 

(d) 5 X 

lo-^• 


(e) 

1.58 X 10-"; (f) 83.32; (g) 1.578 X 10-"; 

(h) 1.20 X 

10-'. 

(10) 

(a) 

(imaginary); (h) + 1.52 — 1.67 

7 




(c) 

18.5 X 10“^ - 19.5 X 10-^ (d) 

± 1.34 X 10-^ 


(11) 

(a) 

4; (h) 11.70; (c) 5.46; (d) 7; 

(e) 4.59; 

(f) .871. 


(12) 

(a) 

10-^ (b) 4 X 10-3; (y) 5 0 X JO-"; 

(d) 1.35 X 

10”^ 


(e) 

5.62 X 10-'"; (f) 3.47 X 10-". 




(13) 

(a) 

P = p; (b) T’ = KT; (c) P = 

KT; (d) 

S- • 





Vm 



(e) 

^ /vfwi X W 2 ) 

^ (P 




(14) 

(a) 

g. cm.“^; (b) sec.”*; (c) g. cm.' 

- sec.“^. 




(15) (g. cm.- soc. (loos not equal (g. cm.- sec.“-). 
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